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ABSTRACT
This thesis describes a study of the reaction of perox- 
omonosulphuric acid with some organic substrates, namely 
methyl orange, methyl red, and the olefinic acids, sorbic 
acid and 2,4,6-octatrienoic acid.
The kinetics of each reaction in aqueous solution were 
determined over the pH range 2-*10 and Activation para­
meters measured at the rate maximum. Feasible mechanisms 
and reaction products were suggested.
A similar study was made on the reaction of peroxodisulphuric 
acid with methyl orange and methyl red to determine whether 
there were any similarities between the reactions of the 
two peroxoacids with these substrates.
All the above work was carried out, where possible, in 
the absence of buffers by using a pH-stat system as a 
method of pH control.
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1.1 The Aim of the Project
Although peroxomonosulphuric acid oxidises a wide range of 
organic compounds very few investigations have been made 
on the kinetics of these reactions.
Conversely many kinetic studies have been made concerning 
the reactions of the closely related compound peroxodi- 
sulphuric acid (PDSA) with organic substrates. The large 
majority of these reactions are found to proceed via a 
free-radical chain mechanism.
It is perhaps suprising to discover that the oxidation 
reactions df peroxomonosulphuric acid which have been : 
investigated differ from those of PDSA by proceeding via 
an ionic rather than a free-radical mechanism.
The aim of the present work was to extend the information 
available on the kinetics and mechanisms of the oxidation 
reactions of peroxomonosulphuric acid with organic 
substrates.
1.2 Discovery and Properties of Peroxomonosulphuric Acid
It was known for some time^^ that the chemical properties
of the product from the electrolysis of sulphuric acid
changed as the concentration of acid used was increased.
(2 VThis phenomenom was explained by N. Carov ' who realised 
that at least two peroxosulphuric acids were formed in 
this process. He demonstrated this point by showing that 
the product from the action of concentrated sulphuric acid 
on PDSA (the product from the electrolysis of dilute
(3)sulphuric acidv ') was chemically similar to that obtained 
from electrolysis of concentrated sulphuric acid.
The correct molecular formula for the new peroxomonosulph­
uric acid (HgSO^) was first proposed by Baeyer and Villiger^ 
and later confirmed by others^ ’ . Both peroxosulphuric
acids can be thought of as being derivatives of hydrogen 
peroxide
0 0 0
II II II
HOOH H0S00H H0S00S0H
II II II
0 0 0
The structure of peroxomonosulphuric acid, which is
commonly known as Caro's acid (CA), has never been
completely elucidated, however it is generally believed
to comprise of a central sulphur atom surrounded tetra-
hedrally by the four substituents.
0
I
HO - S - 0 - OH 
I 
0
(7)A studyv ' of the Raman spectrum of the acid showed that 
the molecule contained no S-H bonds and was unsymmetrical. 
Later s t u d i e s ^ o n  the IR and Raman spectra of crystalline 
CA at low temperatures showed that the two OH groups were 
distinguishable. The readily ionisable hydroxyl group 
forming strong intermolecular hydrogen bonds whilst the 
perhydroxyl group, which in terms of this study was non- 
ionisable, formed intramolecular hydrogen bonds.
The UV spectrum of is very similar to that»
of hydrogen peroxide, as are the UV spectra of many 
inorganic and organic peroxoacids consisting of a 
continuously increasing absorption below 300 n.m. The 
extinction coefficient is found to increase, in common 
with other peroxoacids upon ionisation of the peroxide 
proton.
CA is a dibasic acid and can be considered as having two
different types of proton. The hydroxyl proton is highly
acidic (pK^<l) and can be regarded as a sulphuric acid
proton. Conversely the other proton is weakly acidic and
can be regarded as a hydrogen peroxide proton. Because
of this the main species present in aqueous solution is
the monoanion HSO* .o
The second dissociation constant of CA
K- ,
HSO “ SO* + Ho o
has been determined in two independent studies and found 
to be 9.4±0.1^12  ^ and 9.3±0.2 at 25°C. The limits
of error are quite large in both cases due to the rapid 
decomposition of the acid which occurs at this pH. The 
variation of the second dissociation constant with ionic 
strength, at 15°C, is given by the following relationship
pK2 = 9.88 - 1.5/T/(1+0.50/T)
The stability of CA in aqueous solution is very dependent 
on the pH. In highly acidic media the acid undergoes
hydrolysis
H 2S05 + H 2° + H2S04 + H2°2
However these solutions can be stablized by the addition
(15 )of small amounts of dipicolinic acid ' or tripyridyl 
/ ^ 0  \
salts . In weakly acidic solutions CA becomes much 
(3 )more stable , in fact more so than PDSA. However as
the pH approaches neutrality this order is reversed and
CA continues to become more unstable with increasing pH
until the pH equals the pK2 of the acid. In strong base
(17)the dianion is stable' .
The hydrolysis reactions of both peroxosulphuric acids at
low pH shows the relationship between them
H2S2°8 + H2° + H2S04 + H2S05
H2S05 + H2° + H2S04 + H2°2
A ^ 3 ^study of these reactions in 5-10M sulphuric acid 
has shown that the hydrolysis of PDSA is forty times 
faster that that of CA under the same conditions. Labelling 
e x p e r i m e n t s^ ^  using H2^30 have also shown that there 
is no cleavage of the peroxide group during either hydrol­
ysis. Note that the first hydrolysis reaction shown here 
is the means by which N. Caro originally realised the 
existence of CA.
Solid CA can be prepared by reacting the theoretical
amount of hydrogen peroxide (100%) with chlorosulphonic 
(5 )acidv ', thus providing early proof that its molecular 
formula was HgSO^. It is a white crystalline solid 
consisting of large hygroscopic crystals which melt at 
45°C with slight decomposition. If pure the solid is 
stable, however when moist it decomposes rapidly and in 
the presence of finely divided platinum, manganese 
dioxide or silver, e x p l o s i v e l y .
Solid ammonium, alkali metal and alkaline earth metal
salts of CA of the type MHSO^, NH^HSO,. or MNH^SO^ have
been prepared, usually containing sulphate and bisulphate
as impurities. Some studies of the properties of these
peroxomonosulphates have been made. The potassium salt
(22)(KHSOg) is found to be stable in a dry atmosphere at
room temperature and has a melting point of 97-109°C.
(23)
The rubidium and cesium salts have also been studied^ 
and have melting points of 101-21°C and 119-32°C 
respectively.
CA is a strong oxidising agent and its chemical properties 
are similar to those of PDSA. It is more reactive than 
PDSA, for example CA liberates iodine from iodide instantly 
whereas it forms only slowly with PDSA. Thus the two 
peroxosulphuric acids are easily distinguishable chemically. 
The rate of reaction of CA with the other halides depends 
on the nucleophilicity of the halides. Thus it reacts 
with bromide rapidly, chloride slowly and does not react 
at all with f l u o r i d e ^ ^  .
Solid CA does not attack alkanes but explodes when mixed
(25 ^with aromatic compounds such as aniline or benzenev .
A concentrated solution of the acid (92%) rapidly carbon­
izes wool and cellulose and after a short induction period
reacts violently with cotton^26\  However CA, of concen-
(27)trations up to 0.6M, is foundv J to be quite stable in 
organic solvents such as simple alcohols, acetic acid, 
acetic anhydride and acetonitrile. However when secondary 
and tertiary alcohols were used CA became very unstable 
and the solutions sometimes exploded.
CA can also be used for more controlled oxidations of 
organic compounds, for example primary amines can be
(2 )oxidised to the corresponding nitroso- and nitro-compounds
v os')
and esters can be obtained from the oxidation of ketones
1.3 The Preparation and Analysis of Caro's Acid
There are several methods available and some have already 
been mentioned in the previous section.
The reverse of the CA hydrolysis reaction can be used to 
prepare the acid and has been investigated by several 
workers(2 9 ’30 \
H2S04 + H2°2 + H2S05 + H2°
The reaction has a higher than first order dependence on
the hydrogen peroxide concentration and the rate increases
with increasing sulphuric acid concentration. For example
on changing the sulphuric acid concentration from 5-12M
the initial rate is found to increase by a factor of
(19)120,000. The peroxide group remains intactV J during the
process and the reaction is subject to some metal ion
catalysis. Examples of experimental conditions are given
in Chapter 2. Oleum may be used instead of concentrated
sulphuric acid and good yields of CA are obtained,
78-94%, when a slight excess, mole ratio 1.3 - 1.8:1, is
added to hydrogen peroxide with stirring at 0°C^2^ .  A
third technique involves bubbling sulphur trioxide in
air through a hydrogen peroxide solution at 0°C until a
mole ratio of 1.1:1 is obtained. Again good yields of
(32)CA, 77% by weight, are obtained' '.
This method is ideal provided CA solutions containing low 
levels of hydrogen peroxide are not required.
CA may also be prepared by the hydrolysis of PDSA in 
concentrated sulphuric acid
H2S2°8 + H2° + H2S05 + H2S04
( 2 33 )This method has been used by several workersv ' and 
experimental conditions are outlined in more detail in 
Chapter 2. A sample of CA prepared by this method was 
used in the first preparation of the solid potassium 
salt(34>.
Another method employs the reaction between hydrogen 
peroxide (100%) and chlorosulphonic acid at low temperatures 
(-40°C to - 50°C)
H202 + Cl S03H + h2S05 + HCI
This is a useful method because the by-product, hydrogen 
chloride, can be easily removed. Very concentrated
( 50solutions and solid CA can be prepared by this method
The electrolytic preparation of CA is achieved by the
/35 36)
anodic oxidation of sulphuric acid^ ’ . A platinum
anode and graphite cathode are usually employed. The
(37)maximum yield of CA has been foundv ' to occur when 
12M sulphuric acid is used. It is now thought, as a 
result of labelling studies^38\  that CA is not in fact 
formed from the hydrolysis of PDSA during electrolysis 
but from the following electrochemical process occuring 
at the anode
SO.2 + OH - 2e •+ HSO “
^ o
Recent work has involved the investigation of substitute
electrodes as an alternative to the expensive platinum
anode. A titanium electrode with a partial coating of
(39)platinum has been usedv J and a lead dioxide electrode 
is also found to be efficient Glow discharge
electrolysis is also used as a method of preparing CA
-p  -i •. . .(41,42,43)from sulphuric acidv * * '.
Other less well known methods of preparation include the
irradiation of aerated sulphuric acid solutions with 
60 (44}Cov ' and the treatment of freshly precipitated nickel
( 4 5  }
dioxide with dilute or concentrated sulphuric acidv '.
As mentioned in the previous section solid peroxomonor
(46 47}sulphates do exist and are normally preparedv ’ ' by
neutralising a solution of CA with the appropriate metal 
carbonate, bicarbonate or hydroxide then evaporating and 
drying the solid.
A commerically available solid preparation called ’Qxone1 
is available (Du Pont Ltd.) and consists of a mixture of 
potassium peroxomonosulphate (42%), potassium sulphate 
and potassium bicarbonate.
Analysis of Caro’s Acid Solutions
Most solutions of CA contain hydrogen.peroxide and PDSA 
as impurities, thus any method of analysis must be able 
to distinguish between these three species.
The situation was apparently more complicated when the most
obvious method of analysis was first investigated^*^ .
This involved determination of the hydrogen peroxide
concentration with potassium permanganate followed by the
determination of the other two species iodometrically.
(49 50}It was discoveredv ’ J however that although there is 
no reaction between CA and hydrogen peroxide in dilute 
solution the presence of permanganate induces a reaction 
between them. Also the accuracy of the straightforward 
analysis of CA and PDSA iodometrically in the presence 
of hydrogen peroxide was put in some doubt.
Since these initial investigations many methods of analysis
have been devised using such techniques as potentiomet-
. (51,52,53) , . . (54,55) , . . . . (56,57)n c v * * ' volumetric ■ ’ , spectrophotometric *
and polarographic^*^ analysis and the concentrations
of all three species present may now, in some cases, be
determined from just one sample.
The methods of analysis used in this work will be discussed 
in the next chapter.
1.4 The Decomposition of Caro’s Acid
a) Spontaneous Decomposition
It has been mentioned previously that in neutral or weakly 
alkaline solutions CA undergoes decomposition. Ball and
phosphate buffers were used the results were irreproducible.
In the presence of EDTA however the reaction rate became
reproducible and was assumed to represent the rate of the
spontaneous decomposition of the acid. The following rate 
expression was obtained,
the reaction rate reaching a maximum at a pH equal to the 
pKg value of CA. At high pH a first order dependence on 
the hydrogen ion concentration was found and at low pH 
an inverse first order dependence.
A mechanism was postulated, the rate determining step of 
which involved nucleophilic attack by the dianion of CA 
on the peroxidic oxygen of the monoanion to give the 
following activated complex (I)
(12 )Edwardsv ' investigated this reaction and found that when
Rate = k [HSC>5 ] [S0g2 ]
0  3 -
1
0 H
where represents bond formation
represents bond breakage
The spontaneous decomposition was also studied by Goodman
strength ( I = 0.2). A similar rate expression was arrived 
at, however they postulated a different rate determining 
step, involving nucleophilic attack by the CA dianion on 
the sulphur of the monoanion (II).
This followed from the above workers’ studies on the
mechanism involved nucleophilic attack of a peroxoanion 
on an electrophilic carbon atom of an unionised peroxo- 
acid.
It is interesting to note at this stage that the values 
of the rate constant (k) obtained from the above two 
studies differ appreciably
(13) —and Robsonv 7 in aqueous alkali at constant ionic
3 -
0 0 0
(59 )decomposition of aromatic peroxoacids v the suggested
B+E k(25°C) 2.10x10 1 lmol 1s 1 (I = 1.0+2.3)
G+R k(25°C) 4.08x10 2 lmol 1s 1 (I = 0.2)
This was assumed to be due to the different ionic strengths 
the reaction was studied at. However Goodman and Robson 
also studied the reaction in phosphate buffer and sodium
hydroxide at the same ionic strength (I = 0.2) and 
discovered that the rate constant was greater in unbuffered 
solutions. This, combined with the fact that increasing 
amounts of borax buffer were found to change the kinetics 
of decomposition, led them to conclude that it is prefer­
able to study peroxo acids in aqueous systems in the 
absence of inorganic buffers.
To distinguish between the two proposed mechanism (I and
II) Edwards and c o w o r k e r s ^ ^  prepared a 1.1% sample of
double oxygen-18 labelled peroxoacid. If mechanism I is
correct then one oxygen atom per oxygen molecule will
18originate from the peroxoanion and thus the 0 isotope
34will be predominantly in the 0^ species. However if 
mechanism II is correct there should be no scrambling 
as both oxygen atoms come from the same peroxoanion.
The results showed that 91±2% of the oxygen molecules 
were scrambled.
From this they concluded that the decomposition could 
proceed- by two different mechanisms having identical 
rate laws but that mechanism I was the more favourable 
route in this case.
Many inorganic and organic peroxoacids, are found to 
exhibit similar decomposition k i n e t i c s a n d  both the 
above mechanisms (I and II) are found to operate simultane­
ously as in the case of CA. Which mechanistic route is 
more favoured appears to depend on the steric environment
of the atom which is the subject of the nucleophilic 
attack. For example the decomposition of peroxoacetic 
acid^^^ proceeds mainly (83%) via nucleophilic attack 
upon the carbonyl carbon, i.e. mechanism II. Whereas in 
the decomposition of monoperoxophthalic a c i d ^ ^  and 
peroxopivalic a c i d ^ ^  the orthocarboxylate group and the 
t-butyl group respectively provide steric hinderance to 
nucleophilic attack at the carbonyl carbon and mechanism 
I is favoured (74±4% and 76% respectively). Double 
oxygen-18 peroxoacid labelling experiments similar to 
that used for the CA decomposition were again used to 
confirm the favoured mechanistic route.
C 6 5 }The decomposition of CA has also been studied in 2M 
alkali and the following rate law found
Rate = k [OH-] [so52”]
The value of the rate constant being given by
k = 6.9 x 108 exp (-17300/RT)M_1s-1
The reaction involved nucleophilic attack by hydroxide 
ions on the peroxidic linkage. A radical mechanism for 
the process was proposed involving one electron transfer 
from the hydroxide ion to the peroxodianion followed by 
disproportionation of the hydroxyl radicals formed.
Studies using oxygen-18 labelled water or CA have shown 
that the peroxide bond is broken during the process. Also 
addition of propan-2-ol, known to be oxidised by hydroxyl 
radicals, decreased the oxygen evolution under these 
conditions whereas addition of propan-2-ol to the reaction 
under neutral conditions had no effect on the oxygen 
evolution.
(14}The acid catalysed hydrolysis reaction has been studied' ' 
in perchloric acid solutions. The rate of reaction was 
found to be first order with respect to both the CA and 
hydrogen ion concentration
k(25°C) = 4 x 10-8 1 mol-1s-1
/ g 0 67}
Experiments using oxygen-18 labels * ' showed that
the peroxide bond is conserved during the process, the 
S-0 bond being broken.
b) Catalytic Decomposition
(12 )Ball and Edwards discovered ' that in the absence of 
EDTA the rate of CA decomposition appeared to be dependent 
on the sample of phosphate buffer used. They attributed 
this irregularity to catalysis by trace impurities present 
in the buffer. A mainly qualitative investigation^6 8  ^ was 
carried out by these workers in an attempt to determine 
the catalytic effect of various metal ions. The study 
was carried out in phosphate buffer and the rate of 
reaction compared before and after the test substance
was added. The following metal ions had a catalytic effect 
on the reaction and the catalytic decomposition, with the 
exception of cobalt, was first order with respect to the 
CA concentration
Cu(II), Ni(II), Ru(II), Ir(III), V(V), Mo(VI), W(VI)
Cobalt and molybdenum had the greatest effect and were 
investigated in more detail. The cobalt catalysed 
reaction was second order in CA and had an observed rate 
-law of the form
' _ ' T1 - 9
Rate = kH [HSOg ] + k c [Co(ll)] IHS05 ]
»
where k^ = rate constant in the absence of Co(II)
i
k = cobalt catalysed rate constant
No value for n could be determined and there was some 
evidence to suggest that the effect was heterogeneous.
The molybdenum catalysed reaction was found to exhibit an 
induction period. The rate law was of the form
i
Rate = kH [HSOg-] + k” [Mo (VI)]1 [HSOg-]
The results suggested that a co-catalyst was also required.
Further qualitative studies have been made on the catalytic 
decomposition of CA in sulphuric acid solutions (0.5M)^9 \  
The catalytic efficiency was found to decrease in the 
following order.
Ag+ > WO^“ /C-o2+ > Fe2+ > Cu2+
Vanadium (V) was also found to decompose CA in acidic 
solution.
The nitronium ion, NOg*, was f o u n d ^ ^  to catalyse the 
decomposition of CA in concentrated sulphuric acid. The 
reaction studied in 85-98% sulphuric acid was second order 
with respect to the nitric acid concentration. The order 
of the reaction with respect to the CA concentration was 
found to depend on the sulphuric acid concentration.
Above 95% it was first order, below 91% inverse first 
order and at 93%, the rate maximum, zero order. The 
following rate law was determined and good agreement 
found between the experimental results and the proposed 
mechanism.
Rate = k [N02+] [NO SOg- ]
The cobalt (II) catalysed decomposition of CA has been 
(72 73)studied^ ' y in acidic media and found to proceed via 
a free-radical chain mechanism initially involving a one 
step electron reaction of CA with cobalt (II). Labelling 
experiments show that there is a breaking of the peroxide
bond during the process and that the terminal peroxide
oxygen is the source of both oxygen atoms in the evolved
oxygen.
The effect of silver (I), PDSA and cobalt (II) ions on
the decomposition of CA in perchloric acid (0.5M) has
(74)also been studied' . In the presence of silver (I) the
rate is greatly enhanced and becomes zero order v/ith 
respect to the CA concentration. The rate constant was 
found however to decrease with decreasing CA concentration 
due to the presence of PDSA as an impurity. The stoi- 
cheiometry of the reaction was
2HS05~ 02 + 2HS04"
and the rate law
Rate = k ]~Ag J q q
A mechanism was proposed involving a free-radical chain 
reaction of short chain length.
For the cobalt (II) catalysed reaction a redox process 
is indicated due to the enhancement of the rate by cobalt
(III). In the presence of silver (I) the following rate 
law applies
Rate = kCo2+ LHS05~ ] [C°2+]o
and there is an,inverse first order dependence on the 
hydrogen ion concentration.
In the absence of silver (I) the process is more complic­
ated and not completely understood. The reaction has a
brief induction period and obeys the following rate law
2+  —
when the ratio [Co ] / [HSOg ] lies between 0.014 and 
1.8
Rate = k * Cq 2+ [HS05“ ] [Co2+] o
The values of k^Q2+ are 40% less than when silver (I) is 
present but all other features are the same. Ammonia is 
found to markedly reduce the rate, by competitively 
reducing cobalt (III), but does not change the rate law.
When [Co2+] / [HSO^"" ] varies between 190 and 1200 quite 
different kinetic profiles are obtained. A reasonable 
preliminary kinetic analysis was allowed from the follow­
ing rate law.
Rate a [HS0~ ] ( [HSO “ ] - [HSOg- J )i
The labelling experiments for all the studies gave
similar conclusions to those obtained in the preliminary
. (72) work .
A tentative mechanism is suggested for the cobalt catalysed 
reaction in the presence of silver (I), the role of silver 
being to scavenge sulphate radicals. In the absence of 
silver (I) only a qualitative interpretation can be made 
in terms of changes in the steady state concentration of 
cobalt (III).
The decomposition of CA in the presence of manganese (II)
(75 76)has been studied^ ' } in systems containing various
amounts of hydrogen peroxide. The rate determining step
involves formation of manganese (IV) ions which are
subsequently rapidly reduced by hydrogen peroxide. When
conditions favoured the formation of manganese (III) ions
the reaction rate was reduced. The reaction was first
order with respect to the CA and manganese (II) concen-
(77)tration. A more recent study 7 however showed that 
in the presence of manganese (II) sulphate, and absence 
of hydrogen peroxide, the decomposition occurred by a 
homogeneous process and obeyed the following rate law.
Rate = k [Mn( II)] 3/2 [HSOg- ] i
The manganese (III) catalysed decomposition has also
/ 7  o  7  o  \
been studied * ' in acidic media.and found to proceed
via a free-radical chain mechanism, involving sulphate
( 78 )radical-ions. Labelling experiments have shown 
that, as in the cobalt (II) reactions, the peroxide bond 
is cleaved 'and both atoms in the oxygen molecule are 
terminal peroxide oxygens. Note that the thermal 
decomposition (100°C) of CA under similar conditions in 
the absence of metal ions results in the breaking of an 
S-0 bond and the complete retention of the peroxide bond 
in the oxygen released.
Errors obtained during the titration of hydrogen peroxide 
with eerie sulphate in the presence of CA have led to 
the investigation^^ * of the reaction between cerium
(IV) and CA. In the presence of sulphate the initial 
rate of decomposition increases with the cerium (IV) ion 
concentration and decreases with the cerium (III) ion 
concentration. However using eerie nitrate the rate is 
also found to increase in the presence of cerium (III) ions 
although the addition of acetate or sulphate reduces the 
rate. It was suggested that the reaction proceeded via 
complex formation, between cerium (IV) and CA which 
weakens the peroxide linkage. Free-radicals were also 
found to be formed during the reaction.
( 81}A more quantitative investigationv J has been carried 
out in dilute sulphuric acid and in the absence of all 
traces of hydrogen peroxide. Initial rate measurements 
showed that the reaction obeyed the following law.
Rate = k[Ce(IV)]2 [HS05“ j p e 1 1 1 ] - 1
When the reaction rates were measured over longer periods, 
60 to 90% of the reaction, the following rate law applied.
Rate = k£Ce(IV)]2 [HS05" ] 2 /[Ce(III) ] 1 , 6
A short chain mechanism was suggested involving the 
following initiation stage
CeIV + H00S03~ + Ce1 1 1  + H+ + S05“
However this mechanism does not adequately explain the 
behaviour of the reaction in the latter stages.
( 82 }Measurements J using oxygen-18 labels have shown that, 
similar to thermal decomposition, the peroxide bond is 
converted into oxygen during the decomposition and is 
not cleaved.
1.5 Nuoleophilic Reactions
Because many of the reactions of peroxoacids involve
nucleophilic displacement on the peroxidic oxygen, a 
(11 S3)summary' ’ ' of the general characteristics of these
reactions is given here
/ R>
N: + ROOR £ N -0-0 -> N — 0R+ +"0r ’
I
R
From the simple model above the following predictions 
can be made:
1) A second order kinetic law, first order in peroxide 
and in nucleophile, should be observed.
2) The reaction rate should be related to the basicity
i _
of the leaving group R 0 , as its basicity decreases
i _
R 0 becomes a better leaving group and thus increases 
the reaction rate.
3) Because of the definite orientation of the reactants 
in the transition state, negative AS^ values should 
be obtained.
4) Because of the presence of unshared electron pairs on 
the oxygen atoms the rate should be enhanced by acid 
catalysis.
Further studies on nucleophilic reactions involving 
peroxoacids have shown that there can be an appreciable 
solvent effect. The rates of some reactions in protic 
solvents appearing to depend more on the chemical nature
of the solvent than on physical properties, such as 
dielectric constant. This can be explained by the 
participation of the solvent molecule in the activated 
complex. The role of the solvent molecule being that of 
a proton transfer agent which prevents charge separation 
in the activated complex, thus making the reaction more 
energetically favourable.
A good example of this can be found in the reaction of 
thioxane (l-thia-4-oxacyclohexane) with hydrogen peroxide 
In protic solvents the rate of reaction and activation 
entropy increases, whilst the activation energy decreases 
with the increasing acidity of the solvent. A solvent 
deuterium isotope effect of 1.68 is also observed. In 
aprotic solvents the effect is even more apparent as 
can be seen from the rate laws for the two solvent 
systems.
Rate = k [thioxane^ [HgOg] in protic solvents
t 2
Rate = k [thioxane] [HgOg] in dioxane
In this case a molecule of hydrogen peroxide acts as 
the proton transfer agent.
Several workers have attempted to determine the factors 
which make N a good nucleophile and the properties of the 
substrate under attack which determines reactivity. 
Edwards has proposed the following equations which
(84)^
>
attempt to correlate rate data with the independent 
properties of the nucleophile
log k = aE + 3H
¥ o
This equation correlates the nucleophilicity of a donor 
with its ability to be oxidised, i.e. electrode potential 
(En = E° + 2.60), and to take up a proton, i.e. basicity 
(H = pKg. + 1.74-) . The constants a and 3 can be determined 
by experiment and the rate constant for the nucleophile is
made relative to that for nucleophilic attack by water
(ko ).
The nucleophilicity has also been correlated with polar- 
izability
log k = aP + 3H 
ko
The polarizability, P, being defined as the log of the . 
ratio of the molar refractivity of the nucleophile to 
that of water.
Note that these equations are concerned mainly with 
electronic factors and other factors such as solvent 
effects and steric effects are not considered.
It is found in general
1) If the substrate has a high positive charge and a low 
number of outer-orbital electrons on the central atom 
then the basicity of the nucleophile will determine the 
reactivity.
2) Conversely for a substrate having a low positive
charge and a high number of outer orbital electrons
on the central atom, then the polarizability of the 
nucleophile will be the major factor in determining 
reactivity.
3) A group of nucleophiles are also found to be much more
reactive than the above two factors would suggest.
The common feature between them is that the nucleophilic 
atom N always has a highly electronegative atom Y 
containing at least one pair of unshared electrons 
adjacent to it. It is because of this last fact 
that the increased reactivity is said to be due to 
the "alpha effect". Several investigations have been
made to try and determine the factors influencing the
•4-  ^ -p 4-u • -p-p 4.(87,88,89) magnitude of this effect' ’ ' .
1.6 The Oxidation of Inorganic Substrates by Caro’s Acid
The reactions of CA with chloride, bromide and
(91)iodidev 7 ions have been studied between pH2 and pH6.5. 
The reaction rates were independent of pH in this range
and increased with increasing ionic strength. The same
rate law was found for the three halides
Rate = k[HS05“ ] [x" ]
k ■ (25°C) = 1.4 x lCf3 1 mol-1 s- 1
kBr-(25°C) = 1 . 0  1 mol-1 s- 1
kj- (25°C) = 1.7 x 103 1 .mol-1 s_ 1
The following mechanism was proposed, the rate determining 
step involving nucleophilic attack by the halide on the 
peroxidic oxygen
HSO^T + X" + f + R0“ + HOX (slow)
HOX + H ++X“ + X2 + H20 (fast)
The following investigations confirmed that this mechanism 
was correct.
There was a good linear relationship between the rate of 
reaction and the basicity of the leaving group. For the 
iodide reaction a slope of -0.5 was obtained indicating 
that the breaking of the oxygen-oxygen bond of the 
peroxide is quite advanced in the transition state.
The rate constant increased as the polarizability of the 
halide increased, the magnitude of this effect being
Cl“ : Br" : I” = 1 : 103 : 106
Evidence for the participation of a protic solvent 
molecule in the transition state was also discovered for 
the iodide reaction. The rate being,found to decrease 
upon addition of increasing amounts of dioxan to the 
solvent (water). Although no similar investigation has
i
been carried out for the other reactions the similarities 
between the three reactions would suggest that there is 
solvent participation in the activated complex.
(92)A brief studyv J of the reaction of CA with the nitrite 
ion suggests that a similar mechanism to that found for 
the halides operates. The stoicheiometry of the reaction 
and the rate law being
HSO " + NO ~ ->■ N O "  + SO3 + H +
Rate = k [HS05" ] [N02" ]
k(25°C) = 3.1 x 10 1 mol"1s"'L
(93)Labelling experimentsv ' also show that one oxygen atom 
is transferred by CA for each mole of nitrite oxidised. 
Comparison of the nitrite reaction with two other per­
oxoacids shows that the rate increases in the order
HS05 > CH3C03H > H202
which is the order of decreasing basicity of the leaving 
group.
(94)The oxidation of chlorite has been studied J to dis­
cover whether the ion would exhibit the "a - effect" 
(Section 1.5). The reaction was investigated over the 
pH range 4.6 to 7 and the stoicheiometry found to be
HS05” + C102~ + C103~ + S0^~ + H+
Experimental findings were again consistent with nucleo­
philic attack, by the chlorine atom, on the peroxidic 
oxygen. The value obtained for the rate constant, 
k(25°C) = 1.2 x 10 ^ 1 mol. ^s ^  , compared with that 
for chloride, k(25°C) = 1.4 x 10 ^1 mol ^ s ^ , shows 
that the chlorite ion is a better nucleophile towards 
oxygen than chloride. The nitrite ion is also found to 
be another example of the "a - effect". It is more 
reactive than ammonia in nucleophilic attack on oxygen.
The oxidation of the inorganic oxo-anions sulphite,
(95 )nitrite, selenite and phosphite have been followed' ' by 
using oxygen-18 labelling techniques. The reactions did 
not go via a free-radical mechanism and during the process 
one atom of oxygen from CA enters the oxo-anion product, 
the general reaction being
”m0nA: + HSO ” + ”m0nA = 0 + HSO ~5 4
The reaction between the thiocyanate ion and CA has been
(96 97 98}studied in detail' ’ * . A  determination of the
reaction stoicheiometry has shown that three processes 
are occuring.
SCN“ + 3HS0jf + H20 + 4SC>4~ . + 4H+ + HCN
SClf + HS05" + HCN + S0^“ + S(CN)2 + H20
HCN + HSO ~ + S0^“ + OCN” + 2H+5 4
Each process being dependent on the pH and the reactant 
ratio.
Initial rates were measured using stopped-flow techniques 
and following the reaction by conductance changes. As 
expected simple kinetics were not obtained over the 
whole pH range studied (pH2 to 8 ). However above pH6.3 
the following rate law was applicable and simple second 
order kinetics observed.
Initial Rate = ka [jSCN ]Q ]llSO^
l^(10.1OC) = 18.5+1.1 1 mol- 1s -1
A detailed study of the rate law at several pH's lead to 
a general initial rate expression of the form
Rate = (kb+kc [H+])[HS05 -]o [SCN-]2+kc(;HSo 5 -]2[ScN-]o [H+] - :L
[Hs°-]o + [serf ]D
The reaction was also found not to proceed via a free- 
radical mechanism and be unaffected by the presence or 
absence of oxygen.
A mechanism was postulated, the rate determining step of 
which involved nucleophilic attack by the thiocyanate 
ion on the peroxidic oxygen to form an intermediate X
HSO ~ + SCN" HOSCN + S0.2“5 4
The reaction then proceeded by a series of very fast 
steps. Note that although the intermediate was assumed 
to be HOSCN this species has not been isolated.
The results of studies on the reaction over longer 
periods of time, 50-80% of the reaction, were also in 
agreement with the proposed mechanism.
Little work has been carried out on the reactions of CA .
(99 )with inorganic complexes. An early investigation 
involved a study of the oxidation of iodopentaammine- 
cobalt (III), the reactionat pHl leading quantitatively 
to aquapentaamminecobalt (III). The kinetics of the 
reaction however were not studied.
The reactions of both the azide ion and azidopentaammine- 
chromium (III) with CA were found to be amenable to 
kinetic i n v e s t i g a t i o n .
The major path for the chromium complex, under acid 
conditions,"is
2+  -  2+ _
Cr(NH3)5Ng + HS05 + Cr(NH3)&NO + N2 + HS04
The product was however contaminated with Cr(NH...) . (H90)
2+ .
NO , this species probably arising from aquation of
nitrosopentaammine chromium (III) .
The azide reaction was studied at pH 1.3, where hydroazoic 
acid is the main species, 7 and 13. The principal overall 
reactions are
2HN0 + 2HS0 " -v 2N + N O  + 2HS0 “ + Ho0 (acid)O o < 5 / 5  4 <5
+ 2HS0^ 2N^ + N^O + 2S02 + H^O (neutral)
+ 2'SOg2 2N2 + N 20 + 2S02" + 20H“ (base)
The results however do suggest that the azide reaction’ • 
may be more complex under other conditions.
The rate laws have been determined for all the reactions
Rate = k ( [N3"”J ] (acidic and neutral conditions)
1 *i n
k,(25 C) = 6.6 x 10" 1 mol. s
  2 _ _
Rate = k2 [N3 ] [SO5 -1 <b asic conditions) 
k (25°C) = 7.6 x 10-3 1 mol. s
2N.
H20 + 2N„
Rate = kg [Cr(NHg)j_ Ng2+] [H^O^ 1 (acidic conditions)
kg(25°C) = 1.3 x 10"2 l.mol.”1 s”1
No significant dependence on pH was found except for the 
azide ion reaction, where an inverse first order relation­
ship with the hydrogen ion concentration was discovered 
in acid solution. Labelling experiments showed that the 
reaction did not proceed via a free-radical mechanism and 
that the predominant mode of reaction involved transfer 
of the terminal peroxidic oxygen. The above results 
together with the activation parameters suggest that the 
reaction proceeds via nucleophilic attack on the peroxidic 
oxygen. The CA monoanion is found to be more reactive 
than the dianion which is consistent with electrostatic 
ideas and the fact that the proton has a weakening effect 
on the peroxide bond.
The above results show that the reactivity of the inorg­
anic anions studied towards nucleophilic attack on the • 
peroxidic oxygen in CA is as follows
I->SCN">Br_>Ng>N02“>Cr(NH3)5Ng+'i.C102>Cl-
Finally an interesting study has also been m a d e ^ ^  of 
the reaction of CA with tris(bipyridyl)iron(II)sulphate 
at pH4.6, 7 and 9.
The reaction was found to be first order in metal complex 
but zero order in CA
Rate = k [Fe(bipy>32+]
Free-radicals were found to be present in the reaction 
solution and the addition of the ligand bipyridyl reduced 
the rate. The rate determining step of the reaction is 
thought to proceed via a dissociative mechanism involving 
ligand exchange due to the following evidence. The rate 
constants are found to be equal, within a factor of 
two, to those for the ligand exchange reaction. The 
activation parameters
Ea  = 121 kJ mol“1 ,AS^ = +82.3 JK_1 mol"1 
and the pH dependence are also similar for the two processes.
The following mechanism was proposed
Fe(bipy)32+ 2+Fe(bipy)2 + bipy (slow)
Fe(bipy)22+ + HSC>5
k
2 ^  Products (fast)
The second step is a redox reaction and is thought to
involve the following
Fe(bipy)|+-+ H S O "  ^  S042 +*0H
3+or + Fe(bipy)2
S04* + OH
The reaction sequence being completed as follows
Fe(bipy)2+ + OH(or S O ^ ) Fe(bipy)g+ + OH(or SO^ )
Studies on the reactions of PDSA with various metal 
complexes have shown that these reactions can proceed by 
redox, dissociative and parallel redox and dissociative 
processes.
Some of the reactions of CA with inorganic substrates
have also been the subject of a short review by I.R.
w (102)Wilson
1.7 The Kinetics and Mechanisms of the Oxidation of
Organic Substrates by Caro's Acid
a) General Reactions
The reaction of CA with dimethylaniline and ring substituted 
dimethylaniline have been investigated^ . Second order 
kinetics were observed in every case and the product of 
the reaction shown to be an amine oxide:-
C6H5(CH3>2N + HS05~ + C6H5<CT3>2“-° +HSV
The reactions were studied over the pH range 1 to 12 and 
a bell shaped pH rate profile obtained suggesting the 
following rate law was applicable
Rate = k2 [C6H5N(CH^)J[HSO ”]
The rate constant in the pH independent region, pH 5 to 
9, was found to increase with the increasing electron 
releasing power of the p-substituent.
k2(p-Cl)< k2(p-H)<k2(p-!fe)<k2(p-Meo)
Whilst in acid solution the above trend is reversed, 
due to electron releasing substituents reducing the 
concentration of free base available.
The addition of radical traps,and labelling experiments 
indicated that the reaction did not proceed via a free 
radical mechanism.
The above evidence suggests that the reaction involves 
nucleophilic attack by the nitrogen atom of the free 
amine on the peroxidic oxygen of the CA monoanion.
peroxoacids it has been suggested that a solvent molecule 
also participates in the transition state.
The reaction of diphenyl sulphide with CA to form the
in acetic acid-ethanol solvent containing oxygen-18 
labelled water. The results show that the products 
contain no labelled oxygen and thus the reaction is 
thought to proceed via a heterolytic rather than a free 
radical mechanism.
The oxidation of nitrosobenzene to nitrobenzene by CA 
and two organic peroxoacids has been s t u d i e d . The 
majority of the work concentrated on the peroxoacetic
From a study of similar reactions with organic
5+
PhN(Me) 2 ^ ! o
It
I
S— 0
I
0
H
corresponding sulphoxide and sulphone has been studied^-106)
acid reaction. The CA reaction however was studied in 
47% ethanol-water and similar kinetic results to those 
found for the organic acids were discovered.
Rate = k2 [ C ^ N O ]  [HS05“]
k2(30°C) = 3.5 x 10-3 1 m o l ^ s -1
The experimental evidence suggests that free radicals 
are not involved in the process and the rate determining 
step proceeds via nucleophilic attack by nitrogen on 
the peroxide oxygen of the acid. It is also proposed 
that a solvent molecule participates in the transition 
state in a similar manner to that for the dimethylaniline 
reaction.
To extend the study on the oxidation of thiocyanate ion, 
Section 1.6, the reaction of some alkyl thiocyanates 
with CA were also investigated^*33 .^ The reaction 
stoicheiometry was determined and found to be described 
by the following, from product isolation and labelling 
experiments.
RSCN + 2HS0 ~ + 2Ho0 + RS0oCN + 2Ho0+ + 2S0/12‘~5 2 2 3 4
RS02CN + 2H20 + RS03” + HCN + H 30+
From the initial rates of reaction the following rate 
law was obtained
Rate = k[RSCN] [HS05 ] 
where R = M e , E t , B u , i-Pr.
The rate being independent of the hydrogen ion concentration.
The reaction was also studied nearly to completion and 
several possible processes looked at. An optimum fit 
analysis was applied to the change in CA concentration 
with time. A satisfactory result was obtained using the 
mechanism
RSCN + HSCC + X (k )
5 1
X + HSOp.” products (k2^
It Is suggested that the intermediate X was an alkyl 
sulphinyl cyanide (R(SO)CN).
The oxidation of methyl and ethyl isothiocyanate by CA 
has also been studied^"^^, the reaction of the methyl 
compound taking place in the presence of EDTA to prevent 
decomposition^'1'^^. The reaction stoicheiometry was 
investigated and three moles of oxidant were found to be 
decomposed by one mole of alkyl isothiocyanate. No 
product identification has been made but investigations 
suggest that the product may be a sulphonate species of 
the form RNHCOSO^ ~ .
Integrated rate studies showed the rate law was of the 
form
Rate = k [HS05~] [RNCS]
Integration of this, assuming a 3:1 stoicheiometry, led 
to good agreement with experimental data for up to 96% 
of the reaction. Initial rate studies also confirmed the 
above rate law and gave good agreement for the value of 
the rate constant, k. They concluded that the reaction 
rate is controlled by an initial, second order, reaction 
followed by rapid ^ consumption of a further two moles of 
oxidant.
Some of the reactions of CA with organic substrates have 
also been the subject of a short review by G.J. B u i s t ^ ^ ^
b) Ketone-Catalysed Reactions
Several investigations have been made o f ,the catalysis of 
CA reactions by ketones in weakly alkaline solutions.
Initial w o r k ^ ^ ^  studying three reactions showed that the 
rates were all greatly enhanced in the presence of ketones 
Using different ketones as catalysts it was discovered 
that there was a marked parellelism between the reaction 
rates and that excellent linear free energy relationships 
were obtained, thus implying that a common intermediate 
was involved. Side reactions such as Baeyer-Villiger 
oxidation can sometimes complicate the overall reaction 
with certain ketones.
The decomposition of CA in the presence of ketones showed 
a similar stoicheiometry to the uncatalysed decomposition
2HSOk + 2H+ + 2S0.2 + 0 o5 4 2
but the rate law had the following form
Rate = kj [HS05”] [ketone] [OH”]
the decomposition at constant pH and ketone concentration 
being pseudo first order in CA concentration.
The pH rate profile also differs from that of the uncatal­
ysed decomposition. Above pH 9.5, due to the second 
dissociation stage, and below pH 8, reason unknown, the 
rate levels off. Above pH 11 a small decrease in rate is 
observed due to the enolization of the ketone.
The oxidation of chloride to hypochlorite, in the presence 
of a ketone, was studied and the reaction obeys the following 
stoicheiometry
HSO ~ + Cl- -*■ 0C1- + H + + SO.2-
5 4
The rate law is more complicated than before, there also 
being a dependence on the chloride ion concentration. A 
competing reaction is thought to occur between CA and 
the chloride for the reactive intermediate. There is also 
evidence of a side reaction, chlorination of the ketone, 
occuring.
The third reaction studied involved the oxidation of the 
anionic dye Polar Brilliant Blue. The stoicheiometry of 
the reaction is unknown however there is found to be a first
order dependence on dye concentration. The results again 
suggest involvement of a reactive intermediate.
The initial step for the three reactions is thought to 
involve nucleophilic addition of CA to the carbonyl carbon 
of the ketone. The reactive intermediate is thought to be 
a dioxirane compound and the following scheme is proposed^^^^ 
for the above oxidation.and reduction reactions (Scheme 1).
Labelling experiments with double oxygen-18 labelled CA 
and with oxygen-18 labelled ketone give support to this
3
scheme. There is also some evidence to suggest that sp 
hybridisation is present in the intermediate.
It was thought possible that other reactions involving 
nucleophilic addition of peroxoanions at electrophilic 
centres may also proceed via a similar mechanism. The 
oxidation of sulphoxides (RoS0) by CA was investigated^'*'^ 
to discover whether a dioxathiirane intermediate was 
involved. The experimentally obtained pH rate profile 
suggests that the following rate law is applicable to the 
system
Rate = k2 ' [R2S=0] [HSOg-] + kg ptgSO] [SOg-]
A mechanism involving the proposed intermediate has also 
been suggested (Scheme 2).
From the proposed mechanism the sulphoxide catalysed 
decomposition of CA can occur and thus oxygen would be a 
major reaction product if this scheme is correct. Studies
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have shown that some oxygen is evolved during the reaction, 
above that expected for CA decomposition in the absence 
of sulphoxide, however the sulphone appears to be the main 
product. Although some preliminary oxygen-18 labelled 
sulphoxide studies have been made they are not conclusive 
and further studies are required to test this above 
hypothesis.
Further study has been m a d e ^ ^ ^  of the oxidation of organic 
substrates by dioxirane intermediates. These processes are 
found to be very efficient and operate at low temperatures.
The epoxidation of cis and trans cinnamic acid proceed well 
at 2°C and p H ‘s near neutrality resulting in 90% and 95% 
conversion respectively. At higher pH the yield decreases 
due to the increasingly competitive decomposition step 
involving the CA dianion. The reaction is found to be 
stereospecific, consistent with a dioxirane intermediate 
as this should be able to transfer peroxidic oxygen in a 
single concerted step.
A preliminary kinetic study^ has been made of this
oxidation. -The postulated mechanism, assuming a steady 
state approximation for the dioxirane intermediate, giving 
a rate law which reduces to the experimentally observed 
rate law when CA is present in large excess
Rate = k k jjacetone] [cinnamate] [pH J
Oxidation of the poorly nucleophilic triple bond in 
phenylpropiolic acid can also be accomplished by using 
a similar system to the above at 2 0 ° C ^ ^ ^  . The reaction 
is again thought to proceed via a dioxirane intermediate 
the major product being phenylacetic acid (90%) accompanied 
by small amounts of phenylmalonic acid.
P h - C = C - C 0 2H
HSO5 ,a c e to n e  
pH 7-2, 20°C
0
A .
Ph C 0 2H
Ph
H0?C
C H - C 0 2H
+  H 2 O Ph
H02C
y _ =  C = 0
C 0 2
Ph.
'c h 2— C02H *
+ H20 Ph \
H
c== c= 0
Again in the absence of ketone there is no apparent 
reaction.
The synthesis of several more epoxides from olefinic acids 
and olefinic ketones have been a c h i e v e d ^ . In the 
presence of ketone the yield is greater than 85% whereas 
in the absence of ketone the yield is less than 0.1%.
The oxidation of water insoluble alkenes may also be 
achieved by using this system in a benzene-buffered water 
biphasic system under conditions of phase transfer catalysis 
(pH 7.5, 6°C). 18-crown-6 or tetrabutylammonium hydrogen 
sulphate are found to be suitable catalysts.
The oxidation of pyridine has also been s t u d i e d ^ ^ ^  using 
this system. The pyridine 1-oxide yield was monitored as 
a function of pH and found to reach a maximum at pH 8.5, 
followed by a slight decrease at higher pH due to the 
competing decomposition reaction. The reaction was also 
less efficient at pH 7 due to the competing Baeyer-Villiger 
reaction. Acetone was less affected by this last reaction 
than cyclohexanone however the latter ketone was a better 
catalyst ratewise by a factor of ten. The ratio of the 
rate constants of the Baeyer-Villiger oxidation to the 
ketone catalysed decomposition was determined for both 
ketones and found to be a factor of twenty lower for 
acetone.
From initial rate measurements the reaction was found to 
be first order in ketone catalyst. The rate dependence 
on the pyridine concentration was expected to be more 
complex due to the competing CA reaction for dioxirane. 
Changing the pyridine concentration by a factor of five
was found to increase the rate by a factor of 2.6.
A mechanism was postulated and assuming a steady state 
approximation for the dioxirane intermediate a rate law 
obtained which was in good agreement with the experimental 
findings. The variation of rate with pyridine concentration 
was found to be given by the expression
EPyl = k" CPy] + _ k2_
Rate kobs CHS05-] kobs
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2.1 Preparation of Caro’s Acid
Three methods of preparing Caro’s acid (CA) were investi­
gated .
(1) The reaction between freshly distilled chlorosulphonic 
acid and hydrogen peroxide (70-100%) at - 4 5 ° C ^ ,‘^ ^ .  
This method did result in very concentrated solutions 
of CA being formed. However it was found to be 
unsuitable as the acid decomposed on standing due to 
the presence of chloride ions. Solutions prepared by 
this method were also known, on occasion, to explode 
on standing^ . Therefore alternative preparative 
routes were sought.
(2) The reaction of peroxodisulphate with sulphuric
(33 116)acid * . Ammonium peroxodisulphate (20g AR)
was trituated with concentrated sulphuric acid 
(20ml, AR) at 0°C and left for one hour under these 
conditions. The solution was then poured onto ice, 
filtered and stored at -26°C.
Analysis showed (Section 2) that the three peroxo 
species were present in the product in the following 
amounts.
0.7-0.8M H 2S05
7% H2S2O g
1.4% H202
The concentrations of peroxodisulphuric acid (PDSA) 
and hydrogen peroxide being represented as a percent­
age of the CA concentration. Note that these two 
peroxo species will normally be found in CA solutions.
Sulphuric acid was also present in these solutions 
at a level of approximately 600% of the CA concentration. 
(3) The reaction between sulphuric acid and hydrogen
peroxide: This method of preparing CA was supplied 
by Interox Ltd. (Figure 2,1).
Figure 2.1 Apparatus
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A four necked round bottomed "Quick-Fit" flask was 
actually used, the fourth neck, not shown in the diagram, 
being left open to the atmosphere to prevent pressure 
build up during the reaction.
As reasonably concentrated solutions of CA were prepared 
by this method certain safety precautions were taken.
(a) All glassware was cleaned in concentrated nitric acid 
for at least twenty four hours before use to remove 
all traces of organic materials present.
(b) An alcohol rather than a mercury thermometer was used 
in case of a breakage. The reaction being less 
violent with alcohol.
(c) A P.T.F.E. rather than a more conventional type of 
stirrer sleeve was used.
(d) All ground glass joints were grease free.
Sulphuric acid (100ml, AR) and hydrogen peroxide (31ml,
88% Interox Ltd.) were mixed by the following procedure
Sulphuric acid was placed in the reaction vessel and allowed 
to cool to +5°C with stirring. Hydrogen peroxide was then 
added dropwise at such a rate that the temperature of the 
reactants did not rise above 15°C. When the addition of 
hydrogen peroxide was complete the solution was allowed to 
cool to the bath temperature. The CA solution was then 
diluted by the slow addition of the solution to ice cold 
water (350ml). During the dilution procedure care was
taken to ensure that thorough mixing occurred and that the 
temperature did not rise above 20°C. The diluted CA 
solution was then stored at -26°C until required.
A typical solution prepared by this method was found to 
contain the expected species in the following proportions:
2M H 2S05 
11% H202 , 1.3% H 2S20g 
96% H 2S04
Under the conditions of storage the CA solutions were found 
to be quite stable. Even when the solution was kept at 
room temperature the decrease in CA concentration was only 
3% over the period of one week.
This method was favoured over method (2) due to the follow­
ing reasons:
(i) The experimental procedure was straightforward and 
allowed reasonable quantities of the acid to be 
prepared easily.
(ii) Much higher concentrations of CA could be prepared by 
this method.
(iii)The amount of sulphuric acid present was at a more 
acceptable level.
The concentration of hydrogen peroxide present in these 
solutions was higher than in the previous method. This 
was not thought to be too serious so long as careful checks 
were always made to ensure that this, and peroxodisulphate,
did not affect the kinetics of the reaction being 
studied.
2.2 Analysis of Caro’s Acid Solutions
It was mentioned in the previous section that samples of 
CA prepared by the methods outlined will also contain 
hydrogen peroxide and PDSA. Therefore any method of 
analysis used must be capable of distinguishing between 
these three peroxo species.
Two methods of volumetric analysis were investigated which 
determined the concentration of each of the peroxo species 
present from just a single sample.
Gleu’s m e t h o d ^ ^ * ^ ^  was based on the differing rates of 
reaction of the peroxoacid species with hydrobromic acid, 
the procedure being briefly as follows
(1) Excess arsenious oxide and potassium bromide are
added to the acidified solution. After two minutes
the arsenite remaining is determined by titration
with potassium bromate and from this information the 
CA concentration can be calculated.
(2) The hydrogen peroxide is then determined by titration 
by potassium permanganate in the presence of manganous 
sulphate.
(3) The determination of PDSA is similar to that for CA 
however the solution is boiled before titration with 
bromate.
This method was found to be unuseable however due to the 
formation and disappearance of free bromine, which is used 
to detect the end point, occuring very slowly.
(119}Csanyi and Solymosi's methodv ' of analysis using eerie 
sulphate, arsenious oxide, ferroin (indicator) and osmium 
tetroxide (catalyst) was based on the following facts:
1) Hydrogen peroxide will react with eerie sulphate in 
the absence of osmium tetroxide.
2) Arsenious oxide will only react with eerie sulphate in 
the presence of osmium tetroxide.
3) Arsenious oxide will react with CA at room temperature.
4) Arsenious oxide will only react with PDSA at elevated 
temperatures (100°C).
The procedure used is outlined below:-
To a sample of the three peroxo species an excess of 
arsenious oxide is added, the term excess here is with 
respect to the CA concentration. Under these conditions 
the following reaction occurs between the arsenite ion 
and the CA monoanion.
As11^ 3- + HSO“ AsV043- + H+ + SO.2- (A)
At this stage of the analysis the hydrogen peroxide content 
of the system can be determined by direct titration with 
eerie sulphate using ferroin as an indicator
2Ce4+ + H202 ->- 2Ce3+ + 2H+ + 02 (B)
osmium tetroxide is then added to the solution and the 
unreacted arsenious oxide remaining in the system determined
by titration with eerie sulphate.
ITT 4 +
As 0 + 2Ce + H20
OsO4 2Ce3+ + ASV03 + 2H+
From this information the arsenite that has reacted with 
CA, and thus the concentration of CA, can be determined.
The acidity of the solution is then increased by using 
concentrated sulphuric acid and potassium bicarbonate is 
also added to produce a protecting atmosphere of carbon 
dioxide. Again excess arsenious oxide is added, this time 
with respect to the PDSA concentration, and the solution 
boiled for five minutes. At this temperature PDSA will 
oxidise arsenite to arsenate. The solution is then cooled, 
osmium tetroxide and ferroin added and the unreacted 
arsenite determined by titration with eerie sulphate. From 
this information the concentration of PDSA can be determined.
The above methods of analysis are both based on the same 
principle, that CA is a more powerful oxidising agent than 
PDSA or hydrogen peroxide at room temperature under these 
conditions. The method of Csanyi and Solymosi was found to 
be reasonably straightforward and gave reproducible results 
with no apparent inconsistencies^3*^ 1 Therefore no further 
methods of analysis were investigated.
The total acidity of the CA solution was determined by 
titration with standardised sodium hydroxide using bromo- 
cresol green as an indicator. As the concentration of all 
other species present were known the concentration of
sulphuric acid could be calculated from the total acidity.
2.3 General Experimental Conditions and Instrumentation
2.3.1 Experimental Conditions
All materials used were AnalaR grade (B.D.H.) with the 
exception of CA and the following substrates. Sorbic acid 
(B.D.H.), muconic acid (Aldrich Chemicals) and 2,4,6-octa- 
trienoic acid (Alfred Bader Chemicals). Distilled, 
deionized water was used to prepare all solutions.
The reactions were followed by monitoring the UV absorbance 
decrease, at constant wavelength (see table below), of the 
substrate being oxidised. A Unicam SP 1800 UV spectro­
photometer being used for these measurements.
SUBSTRATE WAVELEGNTH
MONITORED
methyl orange 506, 462
methyl red 520, 450
sorbic acid ^ 270
2,4,6-octatrienoic 293
acid
cinnamic acid ^ 300
muconic acid 261
2.3.2 Instrumentation - Introduction
(12 13)Studies on the CA decomposition reaction have shownv ' y 
that certain inorganic anions such as borate and phosphate 
affect the rate of reaction. It was therefore thought 
desirable, in the light of this evidence, to investigate 
the CA reactions in the absence of buffers where possible. 
The following system was found to be suitable for kinetic
studies under these conditions.
2.3.3 The pH-stat System
The incorporation of a Mettler automatic titrator with the 
Unicam SP 1800 spectrophotometer was carried out as follows:-
A thermostated Mettler titration chamber (with stirrer) was 
connected directly to a Mettler DV 11 piston burette from 
which the delivery of acid or base into the titration 
chamber could be controlled automatically, or manually, by 
a Mettler DV 103 control unit. Glass and calomel electrodes 
from the titration chamber were connected to a Mettler 
DK 10 measuring amplifier which in turn was connected to a 
Mettler DK 11 controller and a Mettler GA 10 chart recorder. 
The solution in the titration chamber was passed into the 
SP 1800 through polythene tubing (internal diameter 1 mm) 
into a thermostated flow-through cell (Analytical Accessories 
Ltd., path length 1 cm) and back to the titration chamber 
by using a peristaltic pump (Watson and Marlow, model 
MHRK 110). This system is shown schematically as a block 
diagram (Figure 2.2).
•The following procedure was adopted when studying the 
kinetics of CA reactions at constant pH:-
An aqueous solution (100 ml) of the organic compound under 
investigation was placed in the titration cell together 
with a known volume of sodium hydroxide. The predetermined 
volume of sodium hydroxide used was sufficient to bring the 
pH of the system to within 0.5 of a pH unit of the required
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pH when CA was introduced into the system. This solution 
was allowed to flow through the system for twenty minutes 
for temperature equilibration to occur. The required pH 
was then set on the DK 11 control unit and the pH-stat 
turned on. Note conditions were such that no alkali would 
be added by the automatic burette when the pH was greater 
than the required pH. CA was then added and the reaction 
followed spectrophotometrically after the pH had reached 
the required, constant, value. For all reactions sodium 
hydroxide was used to keep the pH constant.
The CA concentration, required for the calculation of the 
second order rate constant, was taken as the initial 
concentration present when the acid was introduced into 
the system. By employing the above procedure, and by using 
an appropriate concentration of sodium hydroxide, the amount 
of base added during a reaction could be limited to between 
2-3 ml. It was thought that the change in CA concentration 
as a result of this would be negligible.
The reaction of methyl orange with CA was used to test this 
system and discover whether it could be used in other 
kinetic investigations. Under the conditions used the 
expected first order kinetics were always obtained but 
the reproducibility of the observed rate constant was poor 
at a given pH. When an independent source of pH measure­
ment was used, Corning pH meter (model 113), the set value 
of pH on the DK 11 control unit was found in reality to 
drift during the course of a day. It was discovered that 
if the pH of the reaction was taken as the pH measured by
the Corning pH meter then the observed rate constant became 
reproducible under the same conditions. As good first order 
data was always obtained it was assumed that the pH-stat 
system did keep the pH constant during the course of a 
reaction. Thus a combination of the Corning pH meter and 
the Mettler pH-stat were used to determine and keep the 
pH of the reacting system constant.
The data obtained from the above technique was in good 
agreement with results obtained using just the SP 1800 and 
unbuffered solutions at low p H ’s.
There were found to be two main limitations to the use of 
this technique
a) The time taken for mixing and for the system to attain 
the required constant pH restricts the study of reactions 
by this technique to that of relatively slow ones
(ti'> 40s).
b) The greater the departure from ambient temperature the 
greater the problem with temperature control and in 
turn with determining the exact temperature the reaction 
was monitored at. A solution to this problem was 
discussed in Section 2.4.
It was also hoped to be able to follow the kinetics of the 
reaction by the volume-time/pH-stat curve as well as 
spectrophotometrically. Unfortunately, with most of the 
compounds studied, there was a slow second reaction occuring 
which interfered with the pH-stat data for the first
reaction. This was due to the slow liberation of hydrogen 
ions in the reaction solution after the reaction was 
apparently complete, i.e. when the absorbance ceased to 
change.
2.3.4 Buffer Solutions
Under certain conditions (Section 2.4) it was discovered 
that buffer solutions were necessary. The buffer systems 
most generally used were sodium acetate/acetic acid and 
potassium dihydrogen phosphate/disodium hydrogen phosphate^ . 
For these investigations the pH-stat system was not 
required.
In all cases when buffer solutions were used there was an 
initial pH decrease when the peroxoacid was added to the 
system. After this decrease the buffer systems were 
found to hold the pH constant during the reaction. The 
true pH of the reaction was always determined independently 
by monitoring the pH chunge over thirty minutes in a 
duplicate system.
2.3.5 Treatment of Kinetic Results
All first order data and Arrhenius plots were checked 
graphically. The values of activation energy and A factor 
for a system were obtained from standard least squares 
analysis. Most observed rate constants were also obtained 
by the same method. However for the 2,4,6-octatrienoic 
acid work the rate constants were calculated by using a 
weighted least squares analysis.
2.4 Specific Experimental Conditions
It was not always possible to obtain good experimental 
results by using the procedures outlined in the previous 
section. Conditions were sometimes such that the experimental 
technique had to be adapted to obtain meaningful results.
The procedures used in such cases are described below:-
Note that procedures (1) and (2) refer to the standard 
pH-stat technique (Section 2.3.3) and the standard buffer 
technique (Section 2.3.4) respectively.
3) Unbuffered aqueous solutions containing sodium hydroxide:- 
stock solutions were prepared containing the required 
amount of base to keep the reaction in the pH independent 
region. The SP 1800 was used to follow the reaction and 
good first order data was always obtained. The same 
stock solution was used throughout a particular inves­
tigation, the solution being stored under nitrogen when 
not in use.
4) The stationary technique in the pH independent region:- 
the solution under examination was equilibrated in the 
pH-stat system following the normal procedure. After 
addition of the peroxoacid the solution was adjusted to 
the high pH end of the pH independent region. To 
ensure complete mixing the solution was allowed to 
circulate round the system for a further two minutes.
The peristaltic pump was then turned off and the 
reaction monitored using the ’stationary' solution in 
the flow-through cell. The pH decrease in the cell 
was assumed to be similar to that occuring in the
titration chamber.. Good first order data was taken as 
confirmation of the reaction occuring in the pH 
independent region.
Measurement of reaction rates at higher temperatures 
using the pH-stat technique:- it was hoped to be able 
to study these reactions at constant pH by the standard 
pH-stat method. However at higher temperatures a 
substantial drop in the temperature of the titration 
cell contents was discovered when the solution was 
passed round the system. For example at 40°C the 
temperature drop was between 2-4°C. It was found 
however that after this initial drop the temperature 
of the system remained constant. Thus if the exact 
temperature present in the flow-through cell could be 
determined then a temperature correction factor could 
be applied to the results. As it was not possible to 
determine this, the temperature of the contents of the 
titration cell was taken as being equal to that present 
in the flow-through cell.
Good first order data was always obtained from this 
technique, implying that the temperature of the system 
did remain constant throughout the reaction. The rate 
constants obtained by using the above temperature 
assumption were, reproducible, at the same pH, and in 
good agreement with rate constants obtained by other 
methods. The temperature correction factor was 
calculated from the Arrhenius data.
The transfer technique:- the reaction was initiated in 
the titration cell and the contents allowed to mix
thoroughly. A portion of the solution was then trans­
ferred, by glass syringe, to a standard spectrophoto- 
metric cell in the SP 1800. The method was only used 
to investigate slow reactions in the pH independent 
region. The first ten minutes of the reaction were 
always lost due to temperature equilibration.
The stationary technique at low pH:- it was discovered 
during the investigation of the reactions of CA with 
some olefinic acids (Chapter 4) that the pH of the 
reacting system remained constant below pH 3.5. The 
procedure used for studying reactions under these 
conditions was very similar to that for the stationary 
technique already mentioned (4). The only difference 
being that these reactions were studied at constant 
pH and not in the pH independent region. Again good 
first order data was always obtained.
Table 2.1 Summary of Reaction Conditions
* P R 0 C E D U R E
REACTION RATE
**
A
LAW 
* *
B
pH
DEPEND­
ENCE
TEMPERATURE
DEPENDENCE
OTHER
SPECIFIED
WORK
methyl
orange/CA 7 1 1 3
3 (EDTA)
** *
1 (I.S.)
methyl
red/CA 1 1 3
5 (EDTA)
v ** * 
1 (I.S.)
sorbic
acid/CA 2 2,4 2,5,7 6
2,4,6-octat- 
rienoic acid 
/CA 2,4 4 2,5,7 4 4 (EDTA)
cinnamic
acid/CA
1 (INITAL 
WORK)-
muconic
acid/CA
2 (INITIAL 
WORK)
methyl
red/PDSA 2 2 2,5 3 .
methyl 
orange/PDSA 2 2 2,5 2
2 (FURTHER 
STUDIES)
$
Each number refers to the technique as numbered in Section 2.
^  j(c
A = oxidisable substrate concentration 
B = peroxoacid concentration
* * *
I.S. = variation of ionic strength
2.5 The Determination' of Ionisation Constants
2.5.1 Introduction
Rather than use literature values it was thought more 
relevant to determine the ionisation constants of the 
organic compounds used at the ionic strengths the kinetic 
investigations were carried out at.
Ionisation constants can be determined by a variety of 
(122 )methods . When the substance under investigation is
reasonably insoluble in water the most ideal method is UV 
spectrometry. This method depends upon the determination 
of the ratio of molecular to ionised species present at a 
given pH. The spectrum of the pure molecular species and 
also that of the pure ionic species must first be obtained. 
Then the analytical wavelength, at which all further 
measurements are made, can be determined. This is the wave­
length at which the greatest difference between the absorb­
ance of the two species is observed. Finally the absorbance 
of several solutions of differing pH are measured at this 
wavelength. From the ratio of species present an ionisation 
constant for the molecule can be determined from each 
measurement.
2.5.5 Theory
If Beers law is obeyed by both species then the optical 
density (d) at the analytical wavelength will be due to the 
sum of the optical densities of both species.
d = dT + d.. where I = ionisedI M
M ~ molecular
The relationship between absorbance and concentration is 
given by the Beer-Lambert law:-
d = eel where e = extinction coefficient
1 = path length
Thus the contribution to the observed optical density by 
the ionised and the molecular species may be expressed as
dI = eIc where Fj = Fraction ionised
=  £ n/rC  F u j iM M M
The Fraction of ionised and molecular species is given by:-
K
I =
([H+] + Ka )
FM = E*]
( [H*] + K ) for acids
If the same pathlength is used throughout then:-
a = (etFt + e F )C I I  m m'
and
E = eI Ka + eM^H J
( [H4] + Ka ) ( [H+] + Ka )
Finally if the same total concentration is used throughout 
the measurements then the appropriate optical densities can
replace the extinction coefficients and rearrangement of 
the above equation will give:-
pK . = pH + log d - dT a J-
when the condition d^>dj holds.
2.5.3 Experimental
The procedure for the measurement of the ionisation constant 
of methyl orange (MO), using a Unicam SP 3000 U V  spectro­
photometer, was as follows:-
1) A stock solution of MO was prepared (0.1 g/1, I = 0.115).
2) Sodium acetate and acetic acid (0.1M, X = 0.115) were 
prepared for use as reference cell solutions.
3) Buffer solutions were prepared as in (2) but containing 
MO stock (5% by volume).
4a) A sodium hydroxide solution was prepared (0.1M, I = 0.115) 
and a similar concentration of MO stock was added,
b) A sodium hydroxide solution (0.1M, I = 0.115) was
prepared and diluted with water (I = 0.115, 5% by volume). 
6) Solutions were prepared as in (4a) and (b) but using 
hydrochloric acid (0.1M, I = 0.115) instead of sodium 
hydroxide.
6) Using matched cells the spectra of ionised and neutral 
MO, prepared in (4) and (5) above, were taken and the 
analytical wavelength found. The absorbances of these 
solutions was then measured at these wavelengths.
Note for an acid the anionic species must be determined 
at not less than two pH units above the pKa , and the 
molecular species at not less than two pH units below 
the pK . Whenthese conditions are obeyed at least 99% 
of the required species will be present.
7) A solution of acetate buffer containing MO was prepared 
having a pH close to the expected p K a of MO. A reference 
solution of the same pH but containing no MO was also 
prepared. The absorbance of MO was measured at this
pH again using matched sample and reference cells. The 
p K a of MO was then calculated.
8) Six more pairs of solutions of different pH's above and 
below the calculated pKa were prepared.
9) The absorbance of these solutions were measured again 
using matched cells and an average pKa for MO obtained 
(Table 2.2).
For the above results the absorbance of the appropriate 
solution was taken as the reading obtained after the 
absorbance had remained constant for at least twenty 
minutes. The scatter in the results obtained should be 
within ±0.06 of a pK unit. The scatter was obtained by 
finding the average value and then quoting the largest 
deviation from this. All the results obtained in this 
section of work were found to fall within the above limits.
The following pK^ measurements were also made using the 
same procedure as for MO, except where stated.
ii) MO at 40°C (I = 0.20, Table 2.3). 
iii) Methyl red"(MR) at 25°C (I = 0.115, Table 2.4).
The stock solution was prepared as follows. MR (0.02 g) 
was dissolved in water (2 1.) left for two days at room 
temperature and then filtered. No dilution of the stock 
was required for the determination of the ionisation 
constant.
The ionic species of MR was obtained by adding sodium 
hydroxide (1 drop, IOM) to the stock solution (100 ml,
I = 0.115). The molecular species was obtained by using 
hydrochloric acid (10M, 1 drop/100 ml stock), 
iv) MR at 40°C (I = 0.20, Table 2.5) using the same procedure 
as in (iii).
It was later discovered that a further dissociation 
step (pKj, = 2 . 4 ^ ^ ^  , 25.0°C) existed for MR which 
could interfere with the measurement of the absorbance 
for the molecular species -of the dissociation step 
under consideration. However very little change in 
the UV spectrum with pH was found in this region at the 
analytical wavelength and it was hoped that the measure­
ments were still valid, 
v) Sorbic acid at 40°C (I = 0.25, Table 2.6). The same 
procedure as in (iii) was used with the following 
adaptions.
-3
Sorbic acid (4 x 10 g) was dissolved in water (1 1.) 
and left at 40°C for twenty-four hours. The stock was
then filtered and no further dilution was required, 
all solutions EDTA was present at a concentration of 
4 x 10-5 M.
A Unicam SP 8-100 UV spectrophotometer was used for 
this determination.
Table 2.2 The Ionisation Constant of Methyl Orange at
2 5 ,0°C
I = 0.115 Analytical wavelength = 530 nm
pH d Ka/10_^ 
mol. 1
pK a
3.04 0.428 4.625 3.335
3.25 0.366 4.638 3.334
3.43 0.312 4.606 3.337
3.58 0.269 4.606 3.337
3.69 0.241 4.544 3.343
3.80 0.215 4.480 3.349
3.88 0.195 4.592 3.338
0.1M HC1 dM=0.606 - -
0.1M NaOH dI=0.077 -
Average K = 4.58 x 10 ^ mol.l ^
cl
pK = 3.34±0.01
a o 124
Literature Value: pK = 3.37 (28 C, I = 0.25)
a
Table 2.3 The Ionisation Constant of Methyl Orange at 
40.0°C
I = 0.20 Analytical wavelength = 530 nm
pH d Ka/10 f 
mol.l
pKa
3.13 0.345 6.149 3.211
3.20 0.321 6.256 3.204
3.28 0.298 6.226 3.206
3.43 0.258 6.214 3.207
3.57 0.224 6.065 3.217
3.64 0.206 6.191 3.208
3.96 0.147 6 .066 3.217
0.1M HC1 dM=0.571 - -
0.1M NaOH d.^0.070 - -
Average K = 6.17 x 10 ^ mol.1 ^ 
p ^  = 3.21±0.01
Table 2.4 The Ionisation Constant of Methyl Red at 25.0°C
I = 0.115 Analytical wavelength = 524 nm
pH d Ka/10_!
mol.l
*Ka '
4.69 0.259 1.208 4.918
4.77 0.237 1.259 4.900
4.86 0.222 1.211 4.917
4.97 0.193 1.261 4.899
5.08 0.170 1.218 4.914
5.21 0.141 1.253 4.902
dM 0.408 - -
dI 0.009 -
Average K„ = 1.23 x 10 5 mol.l V  pK = 4.91±0.01 
Literature value: pKg = 4.84 (28°C, I = 0.25)'*'*^
Table 2.5 The Ionisation Constant of Methyl Red at 40.0°C 
I = 0 . 2 0  Analytical wavelength = 524 nm
pH d Ka./10_f 
mol. 1
PKa
4.50 0.293 1.550 4.810
4.59 0.273 1.554 4.809
4.68 0.254 1.520 4.818
4.77 0.232 1.523 4.817
4.97 0.184 1.527 4.816
5.08 0.160 1.501 4.824
dM 0.432 -
-
dI 0.010 - -
Average K2 = 1.53 x 10 ^ mol.l  ^
pK2 = 4.81±0.01
Table 2.6 The Ionisation Constant of Sorbic Acid at 40.0°C
I = 0.25 Analytical wavelength = 274 nm
pH d K a/lC>_i
m ol. 1
pKa
4.33 0.591 3.078 4.512
4.42 0.569 3.126 4.505
4.52 0.556 2.863 4.543
4.61 0.536 2.888 4.539
4.69 0.511 3.082 4.511
4.78 0.490 3.152 4.501
• 4.88 0.472 3.120 4.506
dM 0.747
- -
dI 0.355
- -
Average K = 3.04 x 10 ^ mol.l ^a
pK = 4.52±0.02
Si
Literature value: pK *= 4.48 (25°C, I =* O.l)'*'^
ci - • • •
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on the Methyl Orange and Methyl Red Reaction 
above pH6
3.7 The EDTA Reaction and Metal Ion Catalysis
3.8 The Dependence of the Rate of the Methyl Orange
and Methyl Red Reaction upon Ionic Strength
3.9 The Expanded Rate Expression for the Methyl
Orange and Methyl Red Reaction
3.10 The Isolation and Identification of the Reaction 
Product from the Methyl Orange Reaction
3.11 Discussion and Proposed Reaction Mechanism
3.1 Introduction
This chapter describes an investigation of the oxidation 
of the azo dyes methyl orange (MO) and methyl red (MR) by 
Caro's acid (CA).
Both these dyes are used as pH indicators and their 
structures are shown below
Na+ ~ 0 3S—
CH 3
METHYL ORANGE
V \
■co2H
METHYL RED
In the pH range of this study MO has only one protonatibn
stage, whilst in MR the carboxylate group as well as the
(126 127)nitrogen group can be protonatedv * . There is still-
some doubt as to the exact site of protonation on the 
nitrogen, i.e. the amino or the azo group, and a tautomeric 
mixture is usually assumed to f o r m ^ ^  *  ^.
The oxidation of MO and MR by the organic peroxoacids 
peroxobenzoic acid and monoperoxophthallic a c i d ^ ^ ^ ,  and 
many substituted azo compounds by peroxobenzoic a c i d ^ ^ ^ ,  
have shown that the reaction involves electrophilic attack
by the acid on the azo linkage to form the azoxy compound.
It must also be pointed out however that attack on the 
amino nitrogen to form an amine oxide is also a possibility 
in the present study.
Finally care must be taken to ensure that dilute MO 
solutions are used as the dye is known to aggregate under 
acidic conditions when present at concentrations of greater 
than 10 in water
3.2 Solution Preparation
Stock solutions of MO were prepared by dissolving the dye
(0.05g/l) in deionized water. Solutions of concentrations
-5 -6between 2.6x10 M and 6.5x10 M were used in the following
work and were obtained by appropriate dilution of the 
stock solution. To ensure that pseudo first order conditions 
were maintained throughout the investigation the CA con­
centration was present in at least a seventy-fold excess 
with respect to the MO concentration.
Due to the very low solubility of MR in water the following
procedure was adopted for the preparation of the stock
solution. MR (0.05g/l) was dissolved in hot water, the
solution was left for twelve hours and then filtered. As
considerable amounts of undissolved MR always remained it
was difficult to determine the exact concentration. However
the undiluted stock solution was always used so the MR
-4
concentration was always less than 2x10 M.
In all the following work the reactions were studied at an
ionic strength of 0.115, sodium sulphate (AR) being 
added to the MO and MR solutions to increase the ionic 
strength of the systems.
3.3 The Dependence of the Rate of the Methyl Orange and 
Methyl Red Reaction on pH 
The systems were studied over the pH range 1.5 - 10.5 
(at 25°C) using the standard pH-stat technique previously 
described (Chapter 2). Good, reproducible first order 
results were obtained for both reactions.
The observed first order rate constant, was obtained
by the standard method (Figure 3.1 and 3.2). The second 
order rate constant, kg, was calculated knowing the 
concentration of CA present, and assuming the following 
'pseudo first order' condition held
Rate = kQbs [MO] 
where kQbs = k g [CA]
The results show that the rate of both the MO and MR 
reaction as a function of pH exhibits a 'bell-shaped' profile 
(Figures 3.3 and 3.4).
From this it can be seen qualitatively that the rates of 
the MO and MR reactions are:-
1) Dependent on the concentration of the monoanion of CA 
(HS05~).
2) Independent of the concentration of the dianion of CA 
(S052-).
3) Dependent on the concentration of unprotonated azo dye
4) Independent of the concentration of protonated azo dye
Measurements on the CA/MO reaction above pH 10 were not 
possible because the reaction no longer exhibited first 
order kinetics. This was possibly due to interference by 
hydrogen peroxide which is present in the CA solution as 
an impurity. Tests were made to ensure hydrogen peroxide 
did not interfere with the reaction at lower p H ’s. This 
evidence was supported by the fact that good first order 
plots were obtained at these pH's.
Similar t^sts were also carried out with respect to the 
other impurity present in the CA solution, peroxodisulph- 
uric acid. Later work (Chapter 5) showed that the con­
centration of peroxodisulphuric acid present in the 
reacting solution was too low to interfere with the main 
reaction.
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Table 3.1 Experimental Data for Figure 3.1
[CA]= 9.26x10 3M
[MCTj= 2.6xlO“5M 
Absorbance at time t = ® = 0.029
t (secs) In (Absorbance at time t - Absorbance at t =co)
8 -0.821
24 -0.978
40 -1.136
56 -1.298
72 -1.457
88 -1.614
104 -1.778
120 -1.938
136 -2.096
152 -2.254
168 -2.419
184 -2.577
200 -2.733
216 -2.900
pH = 2.67 
I = 0.115 
T = 2 5 .0°C
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Table 3.2 Experimental Data for Figure 3.2
pH = 7.09 [CA] = 8.88xlO-4M
I = 0.115
T = 25.0°C [MR] < 2x 10"4M
Absorbance at time t = 00 = 0.0278
%  (secs) In (Absorbance at time t - Absorbance at t = ®)
16 -2.268
32 -2.400
48 -2.532
64 -2.659
80 -2.794
112 -3.062
144 -3.324
176 -3.586
224 -3.974
288 -4.510
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Table 3.3 Experimental Data for Figure 3.3
5.09 6.01
6.445.27
6.125.36
6.226.06
6.176.30
6.40 6.07
6.016.55
5.936.70
6.037.42
6.047.63
6.007.98
5.968.05
5.418.55
5.048.82
4.499.04
9.48 3.28
9 .74 2.90
2.1610.06
pH
k2
i-l -1 l.mol s
1.94 0.20
2.00 0.24
2.07 0.27
2.12 0.31
2.15 0.33
2.18 0.38
2.46 0.67 .
2.64 1.04
2.67 1.08
2.87 1.64
3.05 2.14
3.25 2.67
3.27 2.81
3.45 3.41
3.94 4.98
4.23 5.61
4.51 5.96
4.55 6.22
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Table 3.4 Experimental Data for Figure 3.4
pH
k2
l.mol ^
1.58 0.04
1.99 0.10
2.42 0.19
3.09 0.43
3.47 0.69
4.12 1.90
4.31 2.42
4.76 4.51
5.62 8.09
5.91 9.16
6.12 8.79
6.50 9.25
6.74 9.51
7.05 9.35
7.60 9.48
7.60 10.05
8.06 9.42
8.17 9.44
8.34 9.02
■ 8.85 8.02
9.50 5.33
10.31 1.63
3.4 The Rate Law for the Methyl Orange and Methyl Red
Reaction
Under the pseudo first order conditions present the reaction, 
if it is first order with respect to each of the reactants, 
should obey the following conditions
1) The observed rate constant, should be directly
proportional to the CA concentration.
2) The reaction fate should be independent of the MO or 
MR concentration.
The effect of changing the CA concentration on the rate of 
both the MO and MR reaction was investigated. The concen-
_4
tration range of CA used being between 8.93x10 , and
-3 -5
2.23x10 M, and the concentration of MO and MR 1*31x10 M
-4and < 1.86x10 M respectively.
If the reaction is first order with respect to the CA 
concentration then a plot of observed rate constant against 
CA concentration should be linear with an intercept of • 
zero and a slope of k^, the second order rate constant.
All measurements were carried out in the plateau region of 
the pH-rate profile (the rate maximum) using the standard 
pH-stat technique. Precise pH control was however not 
critical as the reaction was in the pH independent region. 
However the temperature of the solution was not very 
reproducible for each run using this technique.
Corrections were made for the small variation in temperature 
for each run by using data from the Arrhenius plot and 
correcting to a standard temperature (25.0°C).
The results show that over the concentration range of CA 
used both reactions obey the above relationship (Figures
3.5 and 3.6).
The value for the second order rate constant obtained was 
in very close agreement (0.5%) with those obtained pre­
viously for the plateau region of the. MO reaction. However, 
the value for the MR reaction was slightly higher than 
before (6%). This difference could not be completely 
attributed to experimental error and may have been due to 
other factors (Section 3.7).
The dependence of the rate of reaction on the concentration
of MO was also investigated. The concentration of MO used
—5 —4was between 2.6x10 M and 6.5x10 M. The observed rate
constant was found to be independent of MO concentration
over the range studied (Table 3.7).
Unfortunately measurements on the dependence of the rate 
of the MR reaction on the dye concentration were not possible 
This was due to the very low solubility of the dye in water 
and the absorbance corresponding to the concentration of 
the stock solution, the maximum possible, being at the 
lower limit of the spectrophotometers range. However as 
good reproducible first order data was obtained throughout 
the study it was reasonable to assume a first order 
dependence of the reaction on the MR concentration.
Therefore for both systems the rate of reaction obeys a 
second order relationship overall, being first order with 
respect to each of the reactants
Rate = kg [CA] [x] 
where X = MO or MR
The stoicheiometry of the reaction was not investigated for 
the following reasons
1) Early pH-stat work and successive UV spectra of the 
reaction showed that the main reaction is followed by 
another, slower, reaction.
2) In the plateau region of the pH rate profile CA undergoes 
self decomposition.
3) Only very low concentrations of dye, especially in the 
case of MR, could be used due to solubility problems.
It was decided that these three points would make a 
stoicheiometric study of the reaction very difficult.
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Table 3.5 Experimental Data for Figure 3.5
W ” '3
s .
rcA^/io-4
mol.1. 1
5.47 8.93
8.51 13.40
11.08 17.86
13.70 22.33
Table 3.6 Experimental Data for Figure 3.6
\
ko b s / I f 3
s .
[CA]/10 4 
m o l .l”4
8.64 8.93
13.21 13.40
17.91 17.86
22.14 22.33
Table 3.7 The Effect of Changing the Methyl Orange 
Concentration on the Reaction Rate
CA = 9.4x 10~3M
s
[MO]/10'6 
m o l .1. 4
5.09 6.5
5.02 13.1
5.00 26.2
3.5 The Dependence of the Rate of the Methyl Orange and
Methyl Red Reaction on Temperature 
The variation in the rate of the MO and MR reaction with 
temperature was studied in the 'plateau region' of the pH- 
rate profile over the temperature range 15-55°C.by using 
experimental procedure 3 (Chapter 2).
The relationship between the rate of a chemical reaction 
and temperature is given by the Arrhenius equation
-E /RT 
k = Ae A
where E^ = activation energy
T = absolute temperature
R = gas constant
A = pre-exponential or A factor
From the Arrhenius equation
Ink = InA - E^
RT
Therefore a plot of the natural logarithm of the rate constant 
against the reciprocal of the absolute temperature should 
be linear and allow the calculation of the two parameters 
E^ and A.
From the transition state theory the following equation can 
be derived
k = k T e-AH5t/RT
~h“
and thus the following thermodynamic activation parameters 
can be determined using the information from the Arrhenius 
plot
Air = Ea -RT
AS R(ln A - ln(kT/h) -1)
where k = Boltzmanns constant 
R = gas constant
k = Plancks constant
The results from the MO and MR reaction show that they obey 
the Arrhenius equation over the temperature range studied 
(Figures 3.7 and 3.8). The activation parameters 
obtained are summarized below:
MO MR
A
Ea  (kJ Mol”1 )
AS^ (298°K) JK”1Mol”1 
AH^ (298°K) kJ Mol"1
3.5xl06
32.7
-126
30.2
6.3xl05
27.4
-141
24.9
There is a marked similarity in the results obtained for the 
two systems, suggesting that the mechanism of reaction is the 
same. For both reactions there is a large negative entropy 
of activation, implying a relatively high degree of order 
in the transition state. The results are discussed in more 
detail in Section 3.11.
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Table 3.8 Experimental Data for Figure 3.7
T
°K
l/T/10 3 
IT1
k2
n -1 -1l.mol. s
logek2
288.1 3.471 4.18 1.43
298.0 3.356 6.51 1.87
308.8 3.238 10.06 2.31
317.8 3.147 14.69 2.69
326.2 3.0 66 20.78 3.03
Table 3.9 Experimental Data for Figure 3.8
T
°K
l/T/10 3 
K"1
k2
l.mol. ^
logek2
288.6 3.465 6.77 1.91
298.1 3.355 9.60 2.26
308.4 3.24 3 14.06 2.64
317.7 3.148 19.13 2.95
326.6 3.062 25.56 3.24
3.6 The Effect of the Decomposition of Caro’s Acid on the
Methyl Orange and Methyl Red Reaction above pH6
It has been mentioned previously (Chapter 1) that above
pH6 CA undergoes spontaneous decomposition and, in the
absence of EDTA, catalytic decomposition due to trace heavy
(12 IS')metal ions present as impurities. Previous work * '
has shown that the rate of decomposition reached a maximum 
at 50% dissociation of the monanion species of CA. It 
was therefore thought important to ascertain the rate of 
decomposition of CA in the present system to ensure that 
there was no interference with the reactions being studied. 
As no EDTA was present reproducible results were not 
expected.
All measurements were carried out at the rate maximum of the 
acid decomposition (pK^) by following the decrease in the 
concentration of CA with time (at 25.0°C, I = 0.115) by 
the usual volumetric technique. The same concentration 
of acid present in the MO and MR reactions was used in the 
present work. As expected in the absence of EDTA irreprod- 
ucible results were obtained and the kinetics were not 
always the expected second order. However over a series 
of four runs the rate of decomposition always had a half 
life greater than fifty minutes. In comparison, the MO 
and MR reactions had half lives of less than four minutes 
at the same pH.
The above information combined with the fact that good first 
order data was obtained in the pH region 6-10 implies that 
decomposition of the acid does not interfere with the
reaction being studied.
3.7 The EDTA Reaction and Metal Ion Catalysis 
The following work was carried out to investigate whether 
the MO and MR reactions were subject to catalysis by trace 
heavy metal ions present as impurities. In work of this 
nature EDTA, a strong sequestering agent, is usually added 
to remove any metal ions present. However some studies
using peroxoacids and EDTA have shown that the sequestering
\
agent is apparently oxidised by the acid. For example
Ball and co-workers noticed this behaviour in the study of
(133)the oxidation of propan-2-ol by peroxodisulphuric acid 
They discovered that two moles of peroxodisulphuric acid 
reacted with one mole of EDTA possibly by oxidation at the 
two amine nitrogens.
Recent w o r k ^ ^ ^  on the reac.tion of MO and MR with the 
organic peroxoacids, peroxobenzoic and monoperoxophthallic 
acid, has shown that there was a linear decrease in the 
rate of reaction upon increasing the concentration of 
EDTA present. When the EDTA concentration was half the 
peroxoacid concentration the rate of the reaction became 
‘very small and constant. It was concluded that the 
stoichelometry of the reaction between peroxoacid and 
EDTA was 2:1.
Some experiments were carried out to discover if there was 
a similar reaction between CA and EDTA. The system was 
studied at a pH of 5.3 in the titration chamber of the
pH-stat. Under these conditions EDTA is an efficient
sequestering agent and CA does not decompose. When
-4equivalent concentrations of EDTA and CA (9x10 M) were
mixed together hydrogen ions were liberated for approximately
forty minutes. It was discovered that if MO was introduced
into the system at this stage no reaction occurred between
the dye and CA implying that the oxidant had been used up.
When the EDTA concentration was reduced tenfold the reaction
with CA was less vigorous, however hydrogen ions were again
liberated. Upon adding MO a reaction occurred which gave
a reproducible rate which was lower than expected for the
initial concentration of CA present. The concentration of
CA remaining after the initial reaction with EDTA was also
determined. The results obtained were not very reproducible.
but implied that CA did react with EDTA, 1 mole of the 
*
sequestering agent reacting with 1-2 moles of CA.
Although EDTA does react with CA only very low concentrations 
are required to remove any metal ion impurities present.
If the stoicheiometry of the reaction was similar to that 
of the other peroxoacids with EDTA, i.e. 2:1, then EDTA 
concentrations of up to 2% of the initial CA concentration 
should havelittle effect on the latter.
The MO and MR reactions were both studied in the pH 
independent region of their pH-rate profiles to discover 
whether the above prediction was correct. The MO reaction 
was investigated using experimental procedure 3 (Chapter 2) 
and varying the EDTA concentration up to a maximum of 2.5% 
of the CA concentration. The addition of small amounts of
EDTA had little effect on the MO reaction as predicted 
(Table 3.10). There was a slight decrease in the reaction 
rate but this was within the limits of experimental error.
The effect on the MR reaction was investigated using the 
standard pH-stat technique and applying a temperature 
correction factor to the results. The concentration of 
EDTA was varied up to a maximum of 6.5% of the initial CA 
concentration. It was discovered that, over the concentration 
range used previously for the MO reaction, the same con­
clusions apply (Table 3.11). However when the EDTA 
concentration was raised to 6.5% the rate of the MR reaction 
was reduced by an amount that could not be attributed to 
experimental error alone.
Therefore as predicted, although there is a reaction between 
EDTA and CA, very small amounts of EDTA do not affect the 
study of the reaction between CA and MO/MR. The results 
also suggest that there is no metal ion catalysis occuring 
in the MO and MR reactions at pH 5-8.
Our studies of the CA/sorbic acid reaction, which is very 
susceptible to metal ion catalysis, have shown that EDTA 
present in very low concentrations (0.5% of the CA con­
centration) complexes effectively with any trace metal 
ion impurities in the presence of CA (see Chapter 4). Thus 
it can be concluded that in spite of the CA/EDTA reaction 
EDTA is still an effective chelating agent in the presence 
of excess CA.
The effect of adding copper (XI) and chromium (III) ions 
to the reaction solution, containing no EDTA, was also 
investigated. For both reactions there was no effect on
the rate when copper (II) ions were present at concentrations
-5 -6between 1x10 M and 5x10 M and for the MO reaction the
same condition applied when Cr (III) ions were present
(4.8x10 ® - 4.8x10 ^M). The rate of the MR reaction
increased slightly (2-6%) when Cr (III) ions were introduced
into the system. However there was no further increase in
the rate when the concentration of Cr (III) was increased
tenfold (4.6xlO~6M - 4.6xlO-5M).
3.8 The Dependence of the Rate of the Methyl Orange and 
Methyl Red Reactions on Ionic Strength 
Measurements were carried out in the plateau region by 
using the standard pH-stat technique and the ionic strength 
was varied between 0.04 and 0.115 by using sodium sulphate 
(AR)
For a reaction of the type
-> zh.
A + B *- XT -*■ Products
the dependence of the rate of reaction on the ionic strength 
is given by the following expression for dilute aqueous 
solutions at 2 5 ° C ^ ^ ^ : -
log10k = log10ko + 1 -02ZAZB f t
where I = ionic strength
Z = charge on ions 
kQ = rate constant at zero ionic strength
Table 3.10 The Effect of Low Concentrations of EDTA on
the Methyl Orange Reaction
CCA] /10"4 
_ 1
mol. 1
[e d t aJ / io 6
m ol.l”^
k2
1 .mol .’"^s"’*’
1*
%[CA]
2*
A%
7.39 0 5.91 - -
7.39 0 5.81 - -
7.31 9.5 5.81 1.3 -0.9
7.24 18.8 5.77 2.6 -1.6
Table 3.11 The Effect of Low Concentrations of EDTA c
the Methyl Red Reaction
[CAJ /10-4 [e d taJ / io 6 k2
1* 2*
mol.1~ 1 m ol.I”1 -< .. -1 -1 l.mol. s %[CA] A% '
7.02 0 9.77 - -
7.02 0 9.57 - -
6.96 9.0 9.82 1.3 +1.6
6.90 17.9 9.44 2.6 -2.4
6.71 43.5 8.87 6.5 -8.3
[EDTiy as a percentage of [CA]
% error from k 2 value obtained in the absence of 
EDTA
*1
*2
Thus for the MO and MR reactions the plot of log1Qk against 
the square root of the ionic strength should give a slope 
of unity, as Z^ = = -1. The results show however
(Figure 3.9) that the slopes obtained were lower than 
predicted, 0.33(MO) and 0.44 (MR), implying that charge 
build up is somehow minimised in the activated complex (see 
Section 3.11).
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Table 3.12 Experimental Data for Figure 3.9 
a) The Methyl Orange Reaction
log10: k2 / r
0.695 0.062
0.732 0.160
0.759 0.232
0.787 0.339
b) The Methyl Red Reaction
Iog10 k2 /r
0.856 0.063
0.892 0.160
0.930 0.233
0.976 0.339
3.9 The Expanded Rate Expression for the Methyl Orange
and Methyl Red Reactions 
Our work (Section 3.4) has shown that the MR and MO reactions 
are first order with respect to the concentration of the 
monoanion of CA and first order with respect to the 
concentration of ionized dye.
The rate expressions can be expanded to give a quantitative 
treatment of the dependence of the rate of the reaction on 
pH. As the pH-rate profile is similar for both systems 
the MO reaction will just be considered here
Rate = k2 [HSOg ] [ OgSCgH^Cgl^NMej]
Let the dissociation of the monoanion of CA
K,2 2- +HSO 5 SO5 + H
be represented by
A
+
Therefore
K 2 - [a2- ][h+] 
[A" ]
pK = 9.4+0.1 (25.0°C)
Let the total concentration of CA be represented by
M t  = [A".] + [A2" ]
Thus
Let the dissociation of MO
03S- 0
— n h - n =<
/
=N+
\
c h 3
CH3
H+ OH- KMO
°3S N=N—/ y—
be represented by
KM0 
B +<■
B + H
c h3
c h 3
Therefore
KM0 = [B ] [ H +] pKM0 = 3.34 (25.0°C,
[B] I = 0.115)
Let the total concentration of MO be represented by
[B]T = [B] + [B-]
Thus
[B- ] = [B] W  CH+]
1 + kmo/£h+J
Now
Rate = k [A ] [B J
Therefore
Rate = k
Letting
a
[H+] + K2
[H+] g = r KM0/tH+]
1 + tH+'l
At a given pH:
Rate = k2 [A] T [B]t
where k2 = kg.a.B.
The derived rate expression can now be examined under a 
variety of conditions to discover whether it can predict 
the observed dependence of the rate of reaction on pH
1) At low p H ’s
When Km q  < < [H+J then a = 1, 3 0
Therefore as the pH decreases k2 , and thus the rate, 
will tend to zero. In this pH region the log of the rate 
constant should be directly proportional to the pH and 
the slope of the pH-rate profile should be equal to unity. 
The pH-rate profile for the MO reaction is in good agree­
ment with this, having a slope of 1.03.
2) At high p H 1s :-
When Kg > > [H+] then a + 0, 3 = 1
Thus the rate of reaction will again tend to zero. The 
log of the rate constant should also be directly propor­
tional to pH in this region. It was not possible to 
carry out measurements at high enough pH's to see if this 
condition held. However there was the expected decrease 
in rate as the pKg of CA was approached.
3) In the 'plateau' region of the pH-rate profile
^ 0  > > [H"*3 > > K2
i
thus a = 1, 3 = 1  and kg = kg
Therefore the reaction will be independent of pH in this 
region.
4) When the pH = p K^q a = 1  3 = 0.5
!
and kg = 0.5 kg
Thus the rate should double on going from p K j^ q to the 
'plateau' region. For the MO reaction the rate is found 
to increase by a factor of 2.02.
5) When the pH = pKg a = 0.5 3 = 1
and kg = 0.5 kg
The rate should decrease by a factor of 2 upon going from 
the 'plateau' region to the second dissociation constant 
of CA. The rate is found to decrease by a factor of 1.70 
for the MO reaction. Difficulties have been experienced 
in determining the second dissociation of the acid due
to decomposition which is at a maximum at the pKg. There
fore due to the uncertainty in the exact value of the
pK2 the value obtained for the above factor is not 
unreasonable.
Therefore it would appear that the expanded rate expression 
provides a good quantitative description of the experimental 
results for the MO reaction.
As the pH-rate profile for the MR reaction is similar to 
that for the MO reaction the same treatment can be applied. 
The pH-rate profile is not as accurate as the MO profile 
when examined more quantitatively. The change in the 
rate on going from a pK to the ’plateau'region is reason­
able (pKMR plateau factor = 1.8, plateau pK2 factor 
= 1.6). The main discrepancy is that at low p H ’s the 
slope of the pH-rate profile does not equal unity, as 
predicted, but in fact 0.61. Possible reasons for this 
will be discussed in Section 3.11.
3.10 The Isolation and Identification of the Reaction 
Product from the Methyl Orange Reaction 
A repetitive UV scan of the MO reaction, under acidic 
conditions, was taken (Figure 3.10) and the following 
information obtained. The decrease in absorbance due to 
MO (A m a x =  506 nm) was accompanied by an increase of 
absorbance at 315 nm and 225 nm due to the formation of 
the product. The spectrum also exhibited an isosbestic 
point at 368 nm. Upon leaving the reaction for several 
days there was found to be an increase in absorbance at 
255 nm. Similar measurements on the MR reaction showed 
that an absorbance increase occurred at 309 nm and an
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isosbestic point at 378 nm.
No product isolation was attempted for the MR reaction due 
to the very low solubility of the dye in water. The MO
reaction product was isolated as follows (Reaction A).
-3 -1
-MO and CA were reacted together, 9*2x10 M and 1.8x10 M
respectively, in the 'plateau' region of the pH-rate
profile. When the MO solution had lost all of its
indicator properties (after approximately 5 minutes) the
solution was acidified. The pale orange precipitate
obtained was filtered, then washed in ice cold water
until the filtrate became neutral, and dried under vacuum.
Microanalysis showed that the product contained the
following:- C. 52.32% (52.33), H. 4.61% (4.70), N. 13.17%
(13.08), 0. 19.45% (19.92). The figures in brackets are
theoretical percentages based on the molecular formula
C14H 15N 3°4S *
A similar reaction to the above was carried out but 
allowed to proceed for 20 hours (Reaction B ) . A slightly 
paler orange product than before was obtained. Micro­
analysis showed that the product contained the following:- 
C. 50.22% (49.84), H. 4.17% (4.48), N. 12.39% (12.46),
0. 21.58% (23.71). The figures in brackets are theoretical 
percentages based on the molecular formula C^H-j^NgO^-S.
The value for oxygen is low implying that although product 
B contains more oxygen than product A, the second reaction 
had not gone to completion.
The UV spectra of the reaction products A and Bweretaken and 
are summarized below
SUBSTANCE ACID 
CONDITIONS (nm)
NEUTRAL 
CONDITIONS (nm)
MO 505, 276,
300-318 (shoulder) 
225-218 (shoulder)
464, 271
PRODUCT A 316
224
317
226
PRODUCT B 317, 258, 227 320, 270-260 
(shoulder), 
226
These results are in good agreement with the repetitive 
scan work.
The infra-red spectra of MO and the two products were 
taken (as KBr wafers). The main differences between them 
are summarized below^ .
a) The broad N=N stretching vibration(1610cm-'*') in the 
MO spectrum becomes much weaker and sharper (1600cm"”^) in 
the product spectra implying that some modification to the 
N= N bond had occurred.
b) The band at 1312cm ^ in A, associated with the C-N 
vibration of the tertiary amine group, was replaced by 
four signals in the range 1300-1338cm ^ in B. These may 
be due to the N+0 absorption of an amine oxide.
c) A new band in B at 920cm ^ was close to the reported
region (970-950cm for N-K) vibrations of tertiary amine 
oxides.
A mass spectrum of product A was taken but no useful
information was obtained due to decomposition of the
compound. The non volatility and subsequent decomposition
of the free acids of sulphonate dyes is quite a common
C 136 }feature in mass spectrometry^ . Upon taking the melting 
point of A the compound was found to decompose between 
200-220°C.
It is thought that the initial product from the oxidation 
of MO by CA is the azoxy compound. The second reaction 
is thought to involve oxidation of the tertiary amine 
group to an amine oxide. These conclusions are discussed 
in the next section.
3.11 Discussion and Proposed Reaction Mechanism 
Investigations into the rate law for the MO and MR reactions 
(Section 3.4) have shown the reaction to be first order' 
with respect to each of the reactants. The dependence of . 
the rate of both reactions on pH has been determined 
(Section 3.3), and a "bell-shaped" rate profile is obtained. 
This implies that the reaction involves electrophilic 
attack by the monoanion of CA on the ionized dye molecule. 
Therefore:-
Rate = k2 [HSOg- ] [Y~ ]
where Y” = dissociated MO or MR.
The above rate expression can be expanded (Section 3.9) 
in terms of the total concentrations of the reactants 
present.
Rate = kg r Th +] i r v & t i  i
[H+] + K2 + *5
*
i_
__
[CA]t [x]t
where X = MO or MR.
For the MO reaction this expression provides a good 
quantitative description of the experimental results. For 
the MR reaction this expression breaks, down at low pH's. 
Reasons for this will be discussed later.
It has been mentioned previously (Section 3.1) that there 
are two main sites for electrophilic attack by CA on the 
MO (MR) molecule.
a) At the azo linkage to give the azoxy compound.
0 "
^  N03S N=N t  \  / C H 3
\
CH3
b) At the nitrogen of the dimethyl amino group to give 
the amine oxide.
o3s- / \ N — H // \ + / C H 3  N— 0“
x c h 3
The following discussion centres around the MO reaction 
but it is thought to be equally applicable to the MR 
reaction.
The microanalytical results cannot distinguish between 
the two possibilities. However they do support the above 
assumption by showing that the initial product has a mole­
cular formula of C^H - ^ N g O ^ S . Microanalysis also shows 
that a second reaction does occur, at a much slower rate 
to the initial reaction. This may involve electrophilic 
attack on the dimethyl amino nitrogen by CA.
The following evidence supports our conclusion that the 
initial product is the azoxy compound.
The changes in the ultra violet spectra provide the most 
significant evidence. The UV spectra of the product 
reveals that the longer wavelength absorption of the parent
jc
dye (n ir ) is no longer present. This implies that 
attack has taken place at the chromophore (the azo group) 
of the molecule and not the auxochrome (the amino group) 
for such a drastic change in the spectrum to occur. Similar 
spectral effects are seen when the standard spectra of 
azobenzene (433, 314, 228 nm (MeOH)) and azoxybenzene 
(322, 260, 239, 232 nm (MeOH)) are compared^137K
A study of the spectral changes in aromatic azo compounds
and their corresponding azoxy compounds (in EtOH) has
u (131) shown 7
1) The longer wavelength absorption (n + tt ) present in 
the azo compound is absent in the azoxy compound.
2) As long as conjugation is not inhibited (coplanarity
sjc
preserved) the absorption of the azo compound (tt tt ) 
in the region 300-380 nm undergoes a bathochromic (red) 
shift of about 7 nm in.the corresponding azoxy compound.
Product A satisfies (1). As far as (2) is concerned the 
absorption of the azo compound appears as a shoulder 
(300-318 nm) in acid solution and is not visible in 
neutral solutions. The product absorbs at 316 nm in acid 
solution.
The fact that product A is not an indicator is also 
consistent with the conclusion that it is the azo group and 
not the amino group that is attached. If the amino group 
were the initial site of attack, then protonation of the 
azo group would still be a possibility and the molecule 
would still exhibit indicator properties.
Very little is known about the characteristics of the 
infra-red absorption bands arising from the N = N linkage. 
Therefore the I.R. evidence can only be used in conjunction 
with the UV results and cannot by itself provide new 
evidence for the formation of the azoxy compound. The 
main finding is the modification in the intensity of the 
broad band present (at 1600cm ^) in the reactant spectra 
and attributed to the azo linkage. This implies that the 
site of attack is at this linkage and not the dimethyl- 
amino group. The main evidence for the nature of the
second product is the modification of the spectrum in the 
region of the band associated with the C-N vibration of the 
tertiary amine group.
The activation parameters for the MO and MR reactions 
have been calculated (Section 3.5) and are comparable 
with each other. This suggests that the mechanism of 
reaction is similar in both cases. The most striking 
feature of these results is the very large negative 
entropy change accompanying the formation of the activated 
complex.
A possible structure for the activated complex is shown 
below.
R 0
N : - - o - V 0
I j
N H
R
S'
%
0
0
=1=
where = bonds breaking 
= bonds forming
(134)Electrostatic theory predicts 7 that for two negatively
charged ions to form a transition state similar to the
above the entropy of activation will be -42 JK ^ mol
The values obtained from our results suggest that another
(83,130)factor is involved. Other workers studying
nucleophilic reactions of peroxoacids have obtained 
similar entropy values and explained them by proposing that 
a solvent molecule participates in the formation of the 
activated complex.
The participation of the water molecule helps to prevent 
charge build up by proton transfer in the transition 
state. This is also consistent with the results obtained 
from the ionic strength work (Section 3.8) where lower 
slopes than expected were obtained, indicating that thei;e 
is a lack of charge build up in the transition state. It 
can be seen from the above diagram that the water molecule 
also participates in the formation.of a five membered ring. 
This provides extra stability to the transition state and 
is also another factor that contributes to the large 
negative entropy value observed.
The above discussion is thought also to apply to the MR 
reaction.
0 "
o = s = o
R R h 2o
+N 0~
■ N HSO/,
H H H RR R
The pH-rate profile for MR shows that the reaction rate
does not decrease as quickly as expected at low pH's.
This can be explained by the fact that for MR there are 
two protonation steps between pH2 and 6:
(123 )a) The protonation of the azo-linkage (pK^ = 2.4V ').
b) The protonation of the carboxyl anion (pK2 = 4.91).
As the pH decreases the indicator changes colour from yellow 
to red suprisingly during the protonation of the carboxylate 
anion and not, as expected, during the protonation of the 
azo group. The colour change is. due to hydrogen bonding 
occuring between the carboxylic hydrogen and the azo group.
C— 0 
I 
0
i.e. A six membered ring is formed which opens up resonance 
possibilities. This theory can be shown to be correct by 
considering the above molecule with the carboxyl group in 
the para position. This compound cannot exhibit hydrogen 
bonding of the type shown by the ortho isomer and the 
colour change is now found to occur, as expected, during 
the protonation of the azo group and not during the 
protonation of the carboxyl group(*26).
Now the rate of the MR reaction between the second and 
first dissociation stage does not decrease as rapidly as 
expected with decreasing pH. In the light of the above
evidence this may be due to the fact that the nucleophilic 
power of the azo group is not reduced to the same degree 
that it would be had the group been directly protonated. 
Below pK^ for MR one would expect the rate to obey the 
correct relationship. The gradient of the pH-rate profile 
(Figure 3.4) does in fact appear to start to increase 
below this pH.
The effect of adding metal ions and small quantities of 
EDTA to the MO reaction (Section 3.7) implies that the 
MO system is not susceptible to metal ion catalysis. A 
similar study of the MR reaction suggests that there may be 
very small catalytic contribution to the rate of reaction, 
however this effect is only just outside the limits of 
experimental error.
The reactions of organic peroxoacids with MO and MR have 
been s t u d i e d ^ T h e  acids used being
0
I
—  OH Peroxobenzoic Acid (PBA)
0
I
c - 0H
I
Monoperoxophthallic Acid 
(MPPA)
0
The reaction of the organic and inorganic peroxoacids with 
MO appear to be similar in most respects except for a 
metal ion catalysis factor associated with the PBA reaction 
at neutral pH. The reaction of the organic peroxoacids 
with MR was found to proceed by two consecutive first order 
steps of greatly differing rates. A consideration of the 
first step led to similar conclusions as for the MO reaction.
A comparison of the second order rate constants show that 
CA is a better electrophile than the organic acids, for 
example in the case of the MO reaction
k (CA) = 6.1 1 mol-1s-1 (25°C)
k„ (PBA) = 2.3 1 mol-1s-1 (35°C)
k (MPPA) = 3.6 1 mol-1s-1 (35°C)
The activation parameters for all reactions (see below)
are similar so the assumption of a common mechanism is a
reasonable one.
MO MR ACID
e a 46.3 37.4 PBA
34.0 26.1 MPPA
kJ mol”^
32.7 27.4 CA
S* - 95.4 -116 PBA
-133.5 -158 MPPA
J K”1 mol-'*'
-126.0 -141 CA
A further consideration of the activation entropies for 
the MR reactions show them to be always more negative than 
for the corresponding MO reaction. This is thought to 
provide further evidence for attack at the azo linkage, as 
opposed to the dimethylamino group, the reaction site being 
more sterically hindered in MR than MO. The activation 
energies also show that MR is a better nucleophile than MO.
In this current section the MR and MO reactions with CA 
have been studied and found to proceed via electrophilic 
attack by the CA monoanion on the azo linkage of *the ionized 
dye molecule to form the azoxy compound. The activation 
parameters for the reactions have been measured and can 
be explained by the involvement of a water molecule in the 
activated complex. There is also evidence of a second 
reaction possibly involving oxidation of the dimethylamino 
group present.
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Introduction
The oxidation of olefins by peroxoacids has been studied
by many workers. These reactions are usually ionic in
nature involving electrophilic attack by the peroxidic
oxygen on the nucleophilic double bond to form the corres-
(138 139)ponding epoxy compound ' . It is also known however
for these reactions to proceed via a radical, metal ion 
catalysed, m e c h a n i s m ^ ^ ' 141)^ exampie recent work
on the oxidation of trans, trans-2,4-hexadienoic acid 
(sorbic acid)- by peroxobenzoic acid in water provides 
evidence for both these m e c h a n i s m s ^ .
The ketone-catalysed oxidation of several olefins by Caro's
acid (CA) has been studied mainly from a synthetic view- 
(112 114)pointv * . Few studies have been made on the kinetics
of these systems however the presence of the ketone is found 
to complicate the mechanism due to side r e a c t i o n s ^ ^  ^ .
(See Chapter 1, Section 7a).
In the present work the reaction of CA with various olefins 
in the absence of ketones has been studied. Sorbic acid (SA) 
was thought to be a suitable substrate for initial 
investigation.
c h3c h= c h c h = c h c q 2h 
SORBIC ACID
PART A Preliminary Investigations into the Reaction of
Sorbic Acid with Caro's Acid
4.A.1 The Sorbic Acid Reaction in the Absence of EDTA 
Inital work showed that there was a reaction between SA and 
CA. However in the absence of EDTA the reaction rate was 
found to be irreproducible when studied in buffered and 
unbuffered solutions, the order with respect to the SA 
concentration varying from zeroth to first. The following 
tests were carried out in an attempt to discover the cause 
of the irreproducibility
The use of a radical trap (allyl acetate)
M-onitoring the reaction under a nitrogen atmosphere 
Monitoring the reaction under an oxygen atmosphere 
Varying the concentrations of hydrogen peroxide and peroxo- 
disulphate present
The use of specific metal ions to test for metal ion catalysis 
The addition of sulphate to test for sulphate catalysis 
The use of highly purified water (AR).
No conclusions could be reached from any of these investi­
gations as to the reason for this irreproducibility because, 
in all cases, there was no significant effect on the rate.
4.A.2 The Sorbic Acid Reaction in the Presence of EDTA
_5
In the presence of low concentrations of EDTA (10 M) the 
reaction rate in sodium acetate/acetic acid buffer (pH 4.5, 
40°C), became reproducible and first order. When the 
concentration of EDTA was increased by a factor of three 
there was found to be no further decrease in rate. It was
also discovered that if EDTA was added during the reaction 
then the rate was reduced to a similar level to that observed 
with EDTA present initially. Similar results were also 
obtained when the reaction was studied under an oxygen or 
a nitrogen atmosphere.
The above results suggest that the aforementioned inconsis­
tencies observed in the SA reaction were due to the presence 
of metal ion impurities.
The reaction between EDTA and CA has been discussed previously 
(Chapter 3). It is interesting to note that in the above 
reaction, which is very susceptible to metal ion catalysis, 
the results imply that EDTA will chelate preferentially with 
metal ions rather than react with CA.
4.A.3 A Study of the Rate Law for the Sorbic Acid Reaction 
using a Phosphate Buffer System 
Investigations into the effect of varying the concentration 
of SA on the rate of reaction were carried out under the 
following conditions.
As the rate was too slow for practical purposes at 25°C the 
reaction was studied at 40°C in phosphate buffers by using 
the standard buffer technique (Chapter 2, Procedure 2). The 
concentration of CA present was such that pseudo first order 
conditions were always maintained. Stock solutions of SA 
were prepared by dissolving the required amount of SA 
(^lxlO”^g) in phosphate buffer (98ml, 0.3M) and EDTA
_3
(2ml, 10 M ) . The solutions were then left for 24 hours
and filtered before use. Lower concentrations of SA were 
obtained by dilution of the stock solution. Three separate 
stock solutions were used in the investigation (Table 4.1).
The results from stock (1) showed that although good 
reproducible first order results were always obtained under 
a given set of conditions.the second order rate constant 
was not independent of the SA concentration, as expected, 
and appeared to follow a definite trend with dilution. The 
rate constant increasing with decreasing SA concentration.
Stock (2), of slightly lower concentration, was also found 
to fit into this above trend. Using stock (3) of much higher 
concentration it was also discovered that the results 
followed a similar trend, upon dilution, to that found for 
stock (1).
Comparisons in terms of absolute concentrations, i.e. (1) 
and (3), were thought not possible due to the errors involved 
in the measurement of milligram quantities of SA for the 
stock solutions. However comparisons in terms of relative 
concentrations were possible and the above results imply 
that the second order rate constant was dependent on the 
SA concentration. In fact there appeared to be an inverse 
relationship between the rate constant and the SA concentration.
The effect of changing the CA concentration on the rate of 
reaction was studied to discover if there was any unusual 
behaviour. The concentration of CA was varied between 
7.5xlO~^M and 2.21x10 and SA stock solutions (1) and (2), 
prepared previously, were employed. The results obtained
Table 4.1 The Effect of Changing the Sorbic Acid Concen­
tration on the Second Order Rate Constant
a) Stock (1) [SA]= 1.35xlCf4M T = 40.0°C
[EDTA] = 2x 10"5M pH = 6.31
[CA]- 7.50x 10“3M
[s a ]/10 5
mol.l ^
k2/10 2
•j ,-1 -1lmol s
% increase 
in k 2
13.5 5.26 —
13.5 5.42 -
6.7 5.83 9.2
3.4 6.09 14.0
1.7 6.49 21.5
b) Stock (2) [SA]= 1.1x 10“4M T = 40.0°C
[EDTA]= 2x 10“5M pH = 6.31
[CA]= 7.50x 10"3M
6 a]/ io 5 k2/i°-2
m o l .1 ^
, ,-1 -1 lmol s
11.0 5.78
11.0 5.77
c) Stock (3) [SA]= 4.6x 10“4M T = 40.0°C
[EDTA]= 2x 10"5M pH = 6.31
[CA]= 7.60x 10"3M
[s a]/ io 5 V 10"2 % increase
m o l .1 ^ i "I lmol s in k 2
46.1 5.11 —
23.0 5.51 7.8
(Table 4.2) were as predicted under the pseudo first order 
conditions present when a single stock solution was used. 
However when results were compared from different stock 
solutions the values of the second order rate constant for 
the reaction showed some variation.
These small differences in rate constants can be ascribed 
to the variation in the pseudo first order rate constant 
with SA concentration by considering the following. If the 
dependence of the second order rate constant on the SA 
concentration is assumed to follow a linear relationship, 
which the early results imply, then a simple correction 
factor can be applied to the results from stock (1) to make 
them directly comparable with the results from stock (2).
Correction Factor = value of kobs for stock (2) - for the
value of kQks for stock (1)
same concentration of CA.
The second order rate constants obtained from both stock 
solutions were found to be in good agreement when this 
correction factor was applied. Therefore the rate of the 
SA reaction is first order with respect to the CA concen­
tration and the discrepencies previously obtained are 
directly attributable to variations in the SA concentration.
4.A.4 The Effect of Ageing on Sorbic Acid Solutions 
All the previous work was carried out within thirty-six 
hours of the stock solutions’ preparation. It was discovered 
that if the stock solutions in phosphate buffer were allowed
Table 4.2 The Effect of Changing the Caro's Acid
Concentration on the Reaction Rate
a) Stock (1)
[c a ]/i o ~3
m ol.1 ^
W 10"4
s'1
V 10'2i -i-l -1 1 mol s
Variation 
in k2 (%)
7.50 3.94 5.25 _
22.08 11.30 5.12 2.6
* 22.08 12.39 5.61
b) Stock (2)
[CA]/10 3 
mol.l ^
kobs/10-4
s-1
V 10"2
n I”1 -11 mol s
Variation 
in k2 (%)
7.50 4.33 5.77 —
11.04 6.34 5.74 0.5
18.32 10.23 5.59 3.1
22.08 12.39 5.61 2.8
* Stock (1) value corrected for direct comparison with
stock (2) results. The correction factor was obtained 
-3from 7.5x10 M CA data from both stock solutions.
to age for periods of greater than two days at room 
temperature, the absorbance due to SA decreased. This 
decrease in absorbance occurred whether EDTA was present 
or not. Continuous monitoring (A = 260 nm) of this 
phenomenon, at 40°C, showed that the decrease appeared to 
be auto-catalytic in nature. There was an initial induction 
period of approximately four hours followed by a decrease 
in absorbance which appeared to accelerate until the 
reaction tailed off in the final stages (Figure 4.1).
Further investigations showed that this decrease was not 
due to the particular pH the solution was buffered at. The 
absorbance of solutions of several p H ’s, in unbuffered and 
buffered solutions, were monitored overnight, at 40°C, and 
the absorbance of all, with the exception of the phosphate 
buffer solution, remained constant (Table 4.3).
The effect of ageing on SA in acetate buffer was investigated 
to discover whether acetate buffers could be used in the 
kinetic investigation. Acetate solutions of SA were aged 
at room temperature and the SA absorbance monitored over a 
number of days. For comparison under the same conditions 
some solutions in phosphate buffers were treated likewise.
SA was found to be stable in acetate buffer (Table 4.4).
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Table 4.3 The Effect of Ageing on Sorbic Acid Solutions
at Various p H ’s
Solution 1 - pH'vl (sulphuric acid*)
Solution 2 - pH^5-6 (sodium hydroxide*)
Solution 3 - pH^8-9 (sodium hydroxide*)
Solution 4 - pH = 5.7 (phosphate buffer)
T = 40.0°C, X = 254 nm
TIME
(HRS)
\ B S 0 R B A N C E
1 2 3 4
0.5 0.866 1.537 1.662 1.870
2.5 0.878 1.530 1.653 1.843
4.5 0.877 1.540 1.653 1.830
6.5 0.878 1.538 1.663 1.775
8.5 0.878 1.538 1.662 1.697
1.0.5 0.875 1.533 1.653 1.600
12.5 0.875 1.535 1.655 1.507
14.5 0.875 1.540 1.662 1.415
16.5 0.875 1.540 1.660 1.313
* Reagent used to adjust the pH of an aqueous solution of
Table 4.4 The Effect of Ageing on Sorbic Acid in Acetate
and Phosphate Buffers at Boom Temperature
[SAj/10 4 
mol. 1 ■*"
BUFFER
SYSTEM
X
nm
*A Age
(days)
1.10 50% NaH2P04/ 266 1.850 1
50% Na2HP04 266 1.773 4
266 1.425 7
4.61 50% NaH2P04/ 280 1.940 0
50% Na2HP04 278 1.967 2
278 1.593 5
1.13 70% NaH2P04/ 268 1.852 0
30% Na2HP04 268 1.840 2
268 1.620 5
1.15 30% NaH2P04/ 269 1.805 0
70% Na2HP04 269 1.815 2
269 1.592 5
0.88 50% CHgCOOH/ 268 1.775 0
50% CH3COONa 268 1.772 2
268 1.773 5
268 1.775 12
0.44 50% CHgCOOH/ 262 1.312 0
50% CH3COONa 262 1.317 2
262 1.335 5
*
A = Absorbance
4.A.5 Further Investigations' into the Rate Law for the
Sorbic Acid Reaction 
Investigations into the effect of varying the concentration 
of SA on the second order rate constant were repeated under 
similar conditions as before but using an acetate rather 
than a phosphate buffer system (Table 4.5). The results 
show that the rate constant was now independent of the SA 
concentration as expected. Note that at the highest SA 
concentration the CA concentration was corrected to an 
average value. Similar values for the second order rate 
constant were also obtained when fresh stock solutions of 
SA were used. The effect, of changing the concentration of CA on the rate 
of the SA reaction was also investigated^.;It was assumed that there 
was a pH independent region for this reaction, similar to 
that found for the methyl orange and methyl red reaction 
with CA (Chapter 3). If this was true then with acetate 
buffers the pH would not be in the plateau region and thus 
complications would arise with pH control when the CA 
concentration was varied. Because of the above the effect 
of varying the CA concentration was studied in aqueous non­
buffered systems, starting at pH 7.5, by using the stationary 
technique (Chapter 2, Section 4, Procedure 4). In all cases 
the reaction rate was found to be first order and reproducible, 
adding weight to the assumption that there was a pH 
independent region for the reaction rate. The results also 
showed (Figure 4.2, Table 4.6) that the reaction rate had 
a first order dependence on the CA concentration. Note that 
the results are analysed in a slightly different way, the 
slope of the plot (Figure 4.2) giving the order of the rate 
dependence on CA concentration.
The above results show that the inconsistencies found in 
the SA reaction in the presence of phosphate buffer were 
due solely to the effect of the buffer. The reaction when 
studied in acetate buffer gave consistent results.
Therefore the rate of reaction in the presence of EDTA obeys 
a second order relationship overall, being first order, with 
respect to each of the reactants
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Table 4.5 The Effect of Changing the Sorbic Acid
Concentration on the Second Order Rate Constant
Using Acetate Buffers as a Method of pH Control
pH = 5.04 T = 40.0°C
[EDTA] = 2xlO-5M [ca] = 7.5x 10-3M
. [SA]/10 5 
mol 1
k2/io-2
T ,-1 -11 mol s
1.1 4.30
4.4 4.21
8.8 4.19
21.7 4.23
43.3 4.16
Table 4.6 Experimental Data for Figure 4.2
T = 40°C 
[EDTA] = 2x 10“5M
0 crq o 1—
1 
o 1Og10kobs V 10"2
i —1 —11 mol s
-2.32 -3.65 4.68
-1.86 -3.21 4.47
-1.74 -3.08 4.57
-1.65 -2.98 4.68
pH = ’plateau region’ 
[SA] = 1x 10_5M
PART B The Investigation of Other Suitable Substrates
4.B.1 Introduction
The following olefinic acids were investigated to discover 
whether their reaction with CA was also suitable for further, 
kinetic studies
a) trans, trans- 2 ,4-hexadien-l,6-dioic acid
HC>2C (CH —  CH)2 CO2 H pK1 = 2.98(2980K)(142)
pK2 = 4.64(298°K)(142)
(trans, trans-muconic acid)
b) trans-3-phenylprop-2-enoic acid
4.41(298°K)(143)
, C H 3 ( C H = C H ) 3 C 0 2 H  pk1 = 4 . 6 2  (298°k)( 142}
It was hoped that if the above reactions were suitable then 
conclusions could be made about any trends discovered in 
terms of the nucleophilicity of the reaction site.
4.B.2 The Muconic Acid Reaction
All the following work was carried out with CA present in
Hx C02H
c=c
/  \  PK1 
C6H 5 H
(trans-cinnamic acid)
c) 2,4,6-0ctatrienoic acid (OTA)
at least a 200 fold excess with respect to the muconic
-5acid concentration (4x10 M).
The reaction between muconic acid and CA was found to be
very slow. With no EDTA present there was a decrease in
the MA concentration of only 7% after following the reaction
for thirty minutes (pH = 5.8, acetate buffers, 40.0°C).
-5In the presence of EDTA (2x10 M) the rate of reaction was 
even further reduced under identical conditions, a 1.4% 
decrease in concentration occuring after ninety minutes of 
reaction time.
Clearly the reaction is too slow for an extensive kinetic 
study. Like the SA reaction, it is susceptible to metal 
ion catalysis.
4.B.3 The Cinnamic Acid Reaction
In the following work CA was always in a hundred fold excess
_5
with respect to the cinnamic acid concentration (7x10 M).
The reaction, in the absence of EDTA, was studied under a 
variety of similar conditions to those investigated in the. 
initial SA reaction. It was discovered that the reaction 
proceeded at a reasonable rate, at 40.0°C, however 
reproducible.kinetics were not obtained. In the presence 
of EDTA, using the standard pH-stat technique (Chapter 2) 
at pH7, the rate of reaction was decreased to that observed 
in the muconic acid reaction (i.e. a 1% change in cinnamic 
acid concentration per hour). Thus the same conclusions 
that were made for the muconic acid reaction also apply
to the cinnamic acid reaction.
The cinnamic acid reaction was also studied to see if any
specific metal ion catalysis could be identified. An
excess of a certain metal ion was used with respect to
-5the EDTA concentration (4x10 M ) . Thus any increase in
rate from the base reaction (1%/hour) could be directly
+ 3+attributable to the metal ion present. Ag , Cr and
2+ -4
Mg (1.9, 9.9 and 1.9x10 M respectively) appeared to
2+have no effect on the reaction rate. However Cu ,
-5 2+ -48.7x10 M, and Cd. , 2x10 M, were found to increase the
2+rate of reaction by 5.8%/hour (Cu ) and 22%/45 minutes 
(Cd2+).
4.B .4 The 2,4,6-Octatrienoic Acid Reaction 
Initial work showed that, in the absence of EDTA, the 
reaction exhibited similar behaviour to that shown by the 
previous compounds. However in the presence of EDTA the 
reaction became first order, reproducible and readily 
measurable at 25.0°C. The rate of the OTA reaction being 
much faster than that of the SA reaction.
Therefore this reaction was suitable for further kinetic 
investigation.
4.B.5 The Dependence of the Second Order Rate Constant 
on the Concentration of 2,4,6-0ctatrienoic Acid, 
Using an Acetate Buffer System 
A stock solution of OTA was prepared by dissolving the 
required weight (5x10 ^g) in acetate buffer (0.3M, 98ml)
_3
and EDTA (2ml, 10 M ) . This solution was then left for at 
least two days and then filtered before use. Lower concen­
trations were obtained by dilution of the stock. The 
acetate buffer, after an initial instantaneous decrease due 
to the addition of CA, held the pH constant (pH = 5.29, 
25.0°C) throughout the reaction. The effect of changing 
the OTA concentration by a factor of four was investigated. 
The results show (Table 4.7) that the second order rate 
constant was not completely independent of the OTA concen­
tration. In fact a similar trend to the behaviour of SA 
in phosphate buffer was found, where the second order 
rate constant decreases with increasing OTA concentration.
The decrease in rate constant, upon halving the olefinic 
acid concentration, was also of the same magnitude as that
shown by the SA reaction for the higher OTA concentrations.
-6However the 9.0x10 M results were much lower than predicted 
from the SA results. The reproducibility of the results 
for a given concentration were very good, with the exception 
again of the lower concentration results (26% spread).
4.B.6 Investigations into the Rate Law for the 2,4,6-
Octatrienoic Acid Reaction Using Non-Buffered Systems 
The effect of changing the concentration of OTA was studied 
in non-buffered aqueous solutions, in what was assumed to 
be the plateau region of the pH-rate profile (pH8 6.5).
The stationary technique (Chapter 2, Section 4, Procedure 
4) similar to that used in the SA reaction when using non­
buffered solutions was employed. Again a single stock 
solution was used to provide all concentrations required.
Table 4.7 The Dependence of the Second Order Hate Constant
on the Concentration of 2,4,6-Octatrienoic Acid, 
Using an Acetate Buffer System
T = 25.0°C 
[EDTA] = 2x 10"5M
*[o t a ]/io 5
mol.1 ^
V 10"1i -i-l -1 ~ 1 mol s
Average k^/10 ^
-.-1-1 1. mol . s
3.6 1.28
1.32
1.31
1.28 1.30
1.8 1.38
1.43
1.35
1.40 1.39
0.9 2.39
2.74
3.01 2.71
pH = 5.29 
[CA] = 9 . 8x 10“3M
This refers to the maximum concentration of OTA present
The results showed (Table 4.8) that the second order rate 
constant was still dependent on the OTA concentration.
The reproducibility of the results for a given concentration 
were now found to be good over the whole concentration range.
Using the same conditions as above the reaction was inves­
tigated using variable amounts of EDTA to discover whether 
there was any effect on the reaction rate constant. As 
the maximum amount of EDTA present was only 0.6% of the 
CA concentration then any effect on the rate would not be 
due to the CA/EDTA interaction. The results show (Table 
4.9) that the reaction rate remained constant when the 
EDTA concentration was varied by a factor of eight. There­
fore the concentration of EDTA used in the previous work 
was sufficient to supress any metal ion catalysis.
The effect of changing the CA concentration on the reaction 
rate was investigated using the same experimental technique. 
The reaction was found to have ,a first order dependence 
on the concentration of CA (Table 4.10, Figure 4.3).
As good reproducible first order plots were obtained, and 
the reaction was found to be first order with respect to 
the CA concentration, the following rate equation applies 
approximately to the OTA reaction
Rate = k2 [CA] [OTA]
However, the second order rate constant was found to be 
slightly dependent on the OTA concentration, a 10% decrease
occuring on doubling the concentration of OTA.
For the rest of the study (Part C) OTA solutions of similar 
concentration were used. Thus, as the effect on the rate 
constant was small, the reaction can be assumed to be 
independent of the OTA concentration under the conditions 
used. It follows from this that the above rate equation 
would now be applicable.
Table 4.8 The Dependence of the Second Order Rate Constant
on the 2,4,6-Octatrienoic Acid Concentration 
Using a Non-Buffered System 
T = 25.0°C 1 = 0 . 2 5  pH = 6 . 5 + 8
[CA] = 9. 4x 10-3M [EDTA]= 4x 10-5M
* [OTA]/10 5 k 2/i°-:L Average k^/10 ^ % increase
mol 1 1 1-1 "I1 mol s l i"1 _11 mol s in k2
2.6 1.39
1.37 1.38 -
1.3 1.49
1.54 1.515 9.8
0.6 1.63
1.72
1.69 1.68 21.7 
- ---------- —
*
This refers to the maximum concentration of OTA present
Table 4.9 The Effect of Varying the Concentration of EDTA 
on the 2,4,6-Octatrienoic Acid Reaction
T = 25.0°C 1 = 0 . 2 5  pH = 6 . 5 + 8
[CA] = 9.2x 10-3M [OTA3 = 3xlO-5M
[e d t a ]/io 6
mol 1 ^
V 10"1
i-l "I 1 mol s
7.1 1.39
14.2 1.40
18.9 1.36
39.0 1.39
56.8 1.35
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Table 4.10 Experimental Data for Figure 4.3
T = 25.0°C 1 = 0 . 25 pH = 6 . 5 + 8
[EDTA] = 4x 10”5M [OTA] = 3x 10“5M
logl0 M log10kobs
n -.-I -1 1 mol s
-2.32 -3.17 1.41
-2.03 -2.89 1.38
-1.86 -2.73 1.35
-1.74 -2.59 1.41
PART C Further Kinetic Studies on the Sorbic Acid and
2.4.6-Octatrienoic Acid Reactions
4.C.1 The Dependence of the Rate of the Sorbic Acid and
2.4.6-Octatrienoic Acid Reactions on pH
The investigations were carried out in three main parts.
The SA reaction being studied at 40.0°C and the OTA 
reaction at 25.0°C.
a) Work in the pH range 3.7-5.4:- Acetate buffers (0.3M) 
were used in this investigation to keep the pH constant 
(Chapter 2, Section 4, Procedure 2) and due to the high 
concentrations required to achieve this all the following 
work was studied at an ionic strength of 0.25. Sodium 
sulphate (AR) being used to increase the ionic strength
of the system. Both systems were found to give reproducible 
first order plots (Tables 4.11A, 4.12A, Figures 4.4, 4.5).
b) Work below pH 3.6:- Initially the chloroacetic aeid- 
sodium chloroacetate buffer system was thought to be suitable 
for this study. However initial work using the SA reaction, 
at pH 3.0, showed that the rate of reaction was greatly 
increased and the kinetics approached zero order. Increasing 
the amount of EDTA present in the system was found to have 
little effect on this phenomenom.
When the reaction (SA and OTA) was carried out in 
unbuffered aqueous solution by using the stationary technique 
(Chapter 2, Section 4, Procedure 5) first order and repro­
ducible results were obtained. The results also show, for 
both reactions, that below pH3 the rate was independent of 
pH (Tables 4.11B, 4.12B, Figures 4.4, 4.5). Measurements 
were also made on the OTA reaction in the pH region studied
with acetate buffers by using the standard pH-stat 
technique (Chapter 2). The results were found to be in 
good agreement with the buffer results (Table 4.12A).
c) Work above pH6:- Both reactions were monitored in 
this region by using the standard pH-stat technique, the 
results being corrected to the appropriate temperature by 
use of the Arrhenius plots (Chapter 2, Section 4, Procedure 
7). The OTA reaction was monitored up to pH 10 (Table 4.12C 
Figure 4.5). Above this pH the reaction was found to be 
no longer first order. Good results were obtained for the 
SA reaction up to a pH of 8.2 (Table 4.11C, Figure 4.4). 
However above this pH the reaction exhibited an initial 
fast stage which interfered with the reaction under study.
At p H ’s above pH 10 first order kinetics were not observed 
and the reaction appeared to take place in definite stages. 
Additions of EDTA (> 5% of the CA concentration) supressed 
this behaviour to some extent but not completely. SA was 
discovered to be stable at pH 10 and there was found to be 
no reaction with hydrogen peroxide or peroxodisulphate in 
this region in the presence of EDTA.
It was unfortunate that no deduction was possible from the 
pH-rate profile about the dependence of the SA reaction 
rate on the dianion concentration of CA. However the two 
reactions studied were found to be very similar between 
pH 2 and pH 8. Therefore, it is reasonable to assume that 
if the SA reaction were not masked by other factors in this 
region, the pH dependence would be similar above pH 8^  and 
thus the rate of the reaction is independent of the CA 
dianion concentration.
A rate expression of the following form applies to the 
SA and OTA systems,
Rate = k [SA][HS05“ ] + k [SA~][HSO “]
where SA = the neutral sorbic acid molecule
SA~= the ionized sorbic acid molecule ■
(SA and SA can be replaced by OTA and OTA” ).
At low p H ’s the rate of reaction becomes dependent on the
first term in the above expression. Above pH 6 the second
term becomes the important term, and at intermediate p H ’s
both terms are appreciable. From the pH-rate profile it
can be seen that k, is greater than k .1 o
The rate expression can be expanded further in terms of the 
total concentrations of reactants present. A similar 
treatment to that used in Chapter 3 was followed, taking 
into account the following equilibria:-
KSA
SA t SA" + H+
KSA = [SA ][H+] KgA = 3.02x10 5 mol 1 1
, (40°C, I = 0.25)
[SA]T = [SA] + [SA ]
HSO
K,
:2 SO + H
+
5 5
[HS05 ]
[c a] t  = [ h s o 5T  + [s o 52"J
The following1 equations were derived:-
Rate = k M 1 [Hi 1o
k s a  + w K2 + 1H+] 1 [s a] t  [c a ]
+ k k s a  ] [h 1  IX
fH+J + KS A1 K2 + fH+] 1
[s a ] t  [c a ]
Rate = k [h +1 1 + k1 k s a | [h +Jo
k s a  + [h +] [h+] + k s a K2 + [H+]
[s a]
A value for the dissociation constant of the olefinic acid 
was obtained from the kinetic data as follows. At the pK 
of the olefinic acid the following condition applies
i « k , k.k ' = o + l
Values of kQ and k ( can be found from the pH-rate profile
and therefore k* , the second order rate constant corres-
2
ponding to the pK of the olefinic acid, can be obtained.
a) SA reaction
k, = 5.13xl0“2 lmol“ 1s“1
k = 1.58x10 2 lmol 1 o
k' = 3.36x10 2lmol 1s -1 Pk s a = 4 . 5 5
This is in good agreement with the value measured spectro- 
photometrically (4.52, 40.0°C, I = 0.25, see Chapter 2).
b) OTA reaction
k, = 1.355x10 1 lmol 3's 1
k = 6.84x10 21 mol  ^o
kg = 1.020x10”"1 1 mol”1s~-1- pKOTA =
This is in reasonable agreement with the value obtained
(142)from the literature (4.62, ionic strength unknown)v .
Therefore, the expanded rate expression provides a good 
quantitative description of the pH-rate profile for both 
systems.
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Table 4.11 Experimental Data for Figure 4.4
T = 40°C I = 0.25 [SA] = 8.92xl0~5
a) Work using acetate buffers
5x10 3M [EDTA] =
pH k2/i°-2
-11 mol s
3.80 2.01
4.25 2.82
4.48 3.18
4.75 3.62
5.05 4.25
5.24 4.62
b) Work below pH 3.5
[CA] = 1.48x 10-2M - 7.14x 10-3M 
[EDTA]= 3.9x 10 M
pH V 10"2
i-l -1 1 mol s
1.88 1.60
2.29 1.58
2.60 1.60
2.84 1.63
3.30 1.74
c) Work above pH 6
[CA] = 7.2x 10"3M [EDTA]
pH V 10"2
1 mol 1s“1
6.20 5.32
6.69 5.21
7.19 5.20
7.83 5.06
8.28 5.01
Table 4.12 Experimental Data for Figure 4.5
T = 25.0°C I = 0.25 [EDTA]
[o t a ]
a) Work using acetate buffers 
[CA] = 9.8x 10"3M
pH V 10"2i .,-1 -11 mol s
3.74 7.23
4.18 8.24
4.52 10.05
4.80 11.17
5.29 13.00
4.40 9.40
4.96 12.13
2x 10~5M
4x10 5M 
4x 10"5M
* Values obtained using the pH-stat technique for direct 
comparison with the acetate results.
Work below pH 3.6
[CA] = 1.9x 10"2M - 9.3xl(T3M
-2
-1 -1
1.88 6.76
6.922.19
6.872.53
6.853.05
7.603.57
Work above pH 6 
[CA] = 9. 4x 10""3M
pH V 10"2
i -i-l -11 mol- s
6.25 13.68
6.43 13.21
6.80 13.49
7.22 14.26
7.70 13.12
8.01 13.77
8.48 13.30
8.51 14.19
9.00 11.56
9.15 12.16
9.45 10.59
4.C.2 The Dependence of the Rate of the Sorbic Acid and
2,4,6-0ctatrienoic Acid Reactions on Temperature 
An Arrhenius plot was constructed for the OTA reaction over 
the temperature range 15° -> 40°C in the pH independent 
region of the rate profile. The stationary technique 
(Chapter 2, Section 4, Procedure 4) was used to measure 
the reaction rates and the reaction was found to obey the 
Arrhenius equation over this temperature range (Table 4.13, 
Figure 4.6).
As the SA reaction was reasonably slow, under the conditions 
of study, CA was first added and then the solution trans­
ferred to the spectrophotometric cell by a glass syringe 
(Chapter 2, Section 4, Procedure 6). As a result of this 
transfer the first 15 minutes of the reaction were lost.
This loss however was found not to be due to temperature 
equilibration but to the initial rate of reaction being 
faster than expected. It is possible that a radical 
reaction was responsible for this effect, being initiated 
when the solution came into contact with the walls of the 
glass syringe. This was supported by the fact that runs 
in this pH region at fixed p H ’s, using the same 
procedure as in the OTA reaction did not exhibit the same 
behaviour.
The temperature range studied was between 10° and 50°C and, 
with the exception of the 50°C runs, good results were 
obtained (Table 4.14, Figure 4.7). At 50°C the reaction 
had a half life of approximately 17 minutes, thus the initial 
fast reaction interfered with approximately half the reaction
being studied.
Activation parameters for both reactions are given below
SA OTA
e a
kj mol"1 
AS^ (298°K) 
J K-1 mol"1
49.32
-118.1
43.89
-118.8
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Table 4.13 Experimental Data for Figure 4.6
I = 0.25 [EDTA] = 4x 10_5M
[OTA] = 4xlO~5M [CA] = 9.4x 10-3M
T
°K
l/T/10 3 
K"1
k2/10 2
n t-1 -11 mol s
l0gek2
288.4 3.467 9.54 -2.35
297.8 3.358 16.86 -1.78
302.8 3.302 22.54 -1.49
307.6 3.251 29.52 -1.22
312.8 3.197 39.85 -0.92
Table 4.14 Experimental Data for Figure 4.7 
I = 0.25 [EDTA] = 4x 10-5M
[s a] = 9x 10-5M [CA] = 7. 1x 10-3M
T
o_.
&
l/T/10 3 
K-1
V 10"3
i-1 "I 1 mol s
l°gek2
284.9 3.510 8.23 -4 . 80
294.3 3.398 16.41 -4.11
303.0 3.300 29.01 -3.54
312.3 3.202 51.30 -2.97
4. C . 3 Repetitive UV Scans of the Sorbic Acid and
2,4,6-Octatrienoic Acid Reactions
Repetitive UV scans of the SA reaction using starting
—4 —3
concentrations of 1.8x10 M SA and 4.5x10 M CA and standard
reaction conditions (pH = 7 )  showed that no product peak
was formed above 220 nm.
The OTA reaction was also studied using the standard 
conditions and concentrations that were used throughout 
the kinetic study. The UV scan provided more information 
than was obtained from the SA reaction (Figure 4.8). During 
the first two hours of .the reaction there was a decrease in 
absorbance at 305 nm and an increase at 253 nm, this was 
initially a shoulder but as the reaction proceeded (after 
two hours) the actual position of the absorbance maximum 
was clarified. An isosbestic point was also observed at 
273 nm. Upon leaving the reaction for longer periods of 
time the isosbestic point disappeared and the absorbance 
at 253 nm decreased. This implies that a second reaction 
is taking place.
Discussion
The first part of this discussion is concerned with the 
reaction of SA and OTA with CA in the presence of EDTA.
The results of the initial investigations, involving 
reactions in the absence of EDTA and the effect of buffers, 
will be discussed later.
The reaction of SA (Section 4.A.5) with CA was found to 
have a first order dependence on the concentration of each
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reactant. To a close approximation the OTA reaction 
(Section 4.B.6) exhibits a similar dependence, giving a 
rate law of the form
Rate = k„ [c a] [x ]
where X = SA or OTA.
A study of the dependence of the rate on pH has shown that 
the above rate law was more accurately represented by the 
following expression over the pH range studied (Section
4.C.1)
Rate = [x h ] [HS05“] + k (. [x“ ] [HSC>5~]
where XH and X represent the neutral and ionised olefinic 
acid respectively and k ( > kQ .
When this expression was expanded in terms of the total 
concentrations of reactants present it was found to be in 
good agreement quantitatively with the experimental 
results (Section 4.C.1). '
Rate = [H+ ]
Kx * [H+]
+ k. KX
[H+ ]+ Kx
[H+ ]
K2 + [H+ ]
tx]T . [c a ]t
The above results suggest that the rate determining step 
for both reactions involves electrophilic attack by the 
peroxidic oxygen of the CA monoanion on the nucleophilic 
double bond of the olefinic acid to form the corresponding 
epoxide:
5A: C H3C H —  C H C H = C H C02H
° \
OTA: CH3C'H— C H ( C H = C H )2C02 H
Product identification was not attempted for the SA reaction 
as other workers have already shown that the above epoxide 
is formed^'*'^, the process being both stereospecif ic 
and regioselective. Solubility problems prevented study 
of the OTA reaction product however it is reasonable to 
assume that an epoxide is again formed. One would expect 
that attack by CA on OTA should occur at the double bond 
which exhibits the most nucleophilicity, i.e. that adjacent 
to the methyl group, to give the epoxide shown. This 
product would have a UV wavelength maximum close to that 
for SA and successive UV scans of the OTA reaction 
(Section 4.C.3) confirm this (SA: ~ 262 nm, OTA
product: = 253 nm). If attack had occurred at the
central double bond then the conjugation would not have 
been preserved in the product and a much lower UV wave­
length maximum would have been expected. A study of the 
OTA reaction over longer periods of time showed that the 
initial product undergoes further reaction with CA (Section
4.C.3), possibly involving attack on the double bond 
adjacent to the newly formed epoxide.
The similarity between the activation parameters obtained 
for both systems (Section 4.C.2) suggests that the reactions
proceed via a similar mechanism. The large negative 
activation entropies also imply that there is a high 
degree of order in the activated complex. In the previous 
chapter the large negative activation entropies obtained 
for the MO and MR reactions were explained in terms of 
solvent participation in the activated complex. The water 
molecule acting as a proton transfer agent which minimises 
charge build up. A similar system can be envisaged for the 
SA and OTA reactions
h 2o
HSO£
where -—  = bonds forming
4- = bonds breaking
Finally the value of the activation energies for the SA 
and OTA reactions (49.3 and 43.9 kJ mol ^ respectively) 
mirror the effect of moving the reaction site by one CH = CH 
unit from the carboxyl group.
O'
c h 3
CH
CH
s
R
HS05
H20
0 — H
H3C o = S = 0  
HC,
HC'
R'
c h3
HC.
^ H -
..-0. *H HC'
R
\
/ 0
A comparison of the reactions of the azo dyes MO and MR
(see Chapter 3) and the olefinic acids SA and OTA, in the 
presence of EDTA, reveals that the dependence of the rate 
of reaction on pH differs at low pH's. For the azo dyes 
the rate decreases with decreasing pH whereas for the 
olefinic acids the rate becomes independent of pH. This 
can be attributed to the differing sites of protonation 
for the two systems at their respective pK's. For the azo 
dyes the site of protonation, the azo linkage, is also 
the site of attack by CA. Thus the development of a 
positive charge must greatly reduce the nucleophilicity 
of the reaction site and hence the rate of attack by CA. 
For the olefinic acids it is the carboxylate anion that is 
protonated. This results in only a slight decrease in the 
nucleophilicity of the reaction site due to the carboxyl 
group being a better electron withdrawing group than the 
carboxylate anion.
A comparison of the activation energies for the above two 
systems shows that the C = C bond is much less susceptible 
to electrophilic attack by the CA monoanion than the N = N 
bond.
The SA reaction was also studied in the absence of EDTA, 
and the results suggest that the reaction proceeded via 
a metal ion catalysed radical mechanism (Section 4.A.1). 
The initiation of radical reactions by peroxides in the 
presence of metal ions is well known^^"^. For CA the 
initiation step possibly involves the following reaction
Once sulphate radicals have been formed various chain 
reactions could follow.
The addition of allyl acetate as a radical trap was found 
to have no effect on the reaction characteristics. A 
consideration of the structures of both allyl acetate and 
SA however suggests that both substrates should have 
similar radical acceptor properties. Even if allyl acetate 
was a more efficient radical acceptor it should still play 
an equivalent role to SA in propagating the SA reaction 
and thus should have little effect on the reaction rate.
The OTA reaction also exhibits similar behaviour in the 
absence of EDTA. For muconic and cinnamic acids the 
reaction rate was too slow for any detailed study however 
there was always a marked decrease in rate upon addition 
of EDTA. This suggests that again the reaction can proceed 
via a free radical or ionic mechanism.
SA was found to undergo autoxidation in phosphate buffer 
at 40°C in the presence of EDTA. This phenomenum was 
not found in acetate buffer or water at varying p H ’s under 
the same conditions of temperature and storage (Section
4.A.4). SA is susceptible to oxidation by molecular
( 1 4 4  1 4R o
oxygen^ * J at higher temperatures (> 50 C). The
initiation stage is thought to involve the formation of
the following diradical
and the reaction products are found to be acetaldehyde,
fumaraldehydic acid and polymerization products. The
presence of metal ions can accelerate or retard the
reaction r a t e ^ ^ ^  and EDTA stabilizes the solutions
(147)against atmospheric oxidation . In light of the
above evidence the behaviour of SA in phosphate buffer 
is surprising.
Finally it was discovered that the dependence of the rate 
of reaction on the concentration of olefinic acid (SA and 
OTA) did not follow the expected relationship under certain 
conditions in the presence of EDTA. The rate of reaction 
increasing with decreasing olefinic acid concentration 
instead of remaining constant. For the OTA reaction this 
was found to occur in acetate buffer and in water (Sections
4.B.5 and 4.B.6). OTA is very insoluble in water and this 
phenomenon may possibly be explained by a slight aggregation • 
of the OTA molecules, the extent of aggregation increasing 
with increasing OTA concentration. For SA this phenomenon 
was found only in phosphate buffer (Section 4.A.3), the 
increase in reaction rate with decreasing SA concentration 
being of the same magnitude as for the OTA reaction. There­
fore the reason for this effect would appear to be similar 
in both cases, in the case of SA aggregation in phosphate 
buffer may again be the explanation.
In summary we may conclude that the reaction of olefinic 
acids with CA can proceed by two different routes. In 
the absence of EDTA the oxidation occurs via a radical 
mechanism which is very susceptible to catalysis by trace 
metal ion impurities. In the presence of EDTA,attack 
proceeds via an ionic mechanism}the rate determining step 
of which involves electrophilic attack by the CA monoanion 
on the double bond exhibiting the greatest degree of 
nucleophilicity in the olefinic acid.
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Introduction
It has been mentioned previously (Chapter 1) that many of
the oxidations of organic compounds by peroxodisulphuric
acid (PDSA) proceed via free-radical chain mechanisms^ .
Some reactions are known however to be ionic in nature:
(148 149')for example the oxidation of phenols ’ y and aromatic 
a m i n e s t h e  rate determining step of which involves 
nucleophilic displacement on the peroxidic oxygen.
In view of the above the reactions of methyl orange (MO) 
and methyl red (MR) with PDSA were investigated to discover 
the nature of the mechanisms and to see whether they were 
comparable with the corresponding Caro’s acid reactions 
(Chapter 3). A study of the silver (I)-catalysed oxidation 
of some aromatic azo compounds, including MO and MR,has 
been made at low p H ^ ^ ^  . The reaction was found to 
proceed via a free-radical chain mechanism to give the 
corresponding azoxy compound.
5.A The Methyl Orange Reaction
5.A.1 Experimental Conditions and Initial Findings 
The procedure for the preparation of MO solutions used in 
this investigation was similar to that used in earlier 
work (Chapter 3). PDSA solutions were prepared using 
ammonium persulphate (AR, 1M) and stored at low temperatures 
(-26°C). The PDSA concentration was always present, unless 
otherwise stated, in at least a three hundred fold excess
_5
with respect to the MO concentration (2.6x10 M ) .
The reaction was found, using acetate buffers (0.1M, I = 0.2
T = 40.0°C), not to follow simple first order kinetics.
An initial fast decrease in the MO absorbance was followed 
by a much slower decrease which continued until the reaction 
was complete. It was discovered that under these conditions 
the initial rate was unaffected by
1) The addition of EDTA
2) The addition of Cu^+
3) Studying the reaction under an oxygen atmosphere
4) Studying the reaction under a nitrogen atmosphere
5 )  T h e  a d d it io n  of CA
The initial reaction rate was found to be dependent on the 
concentration of PDSA.
The following treatment was applied to the system to discover 
whether the reaction would fit consecutive first order 
kinetics of the type
i tt
where k^ and k^ are the observed first order rate constants 
when the PDSA concentration is in large excess. At any 
time t during the reaction
tt i
-k-^t -k-^t
At - Aa = a2e - a^e -(1)
where a-^  and ctg are constants.
Treating the reaction as a simple first order one (Figure
5.1, Table 5.1) shows that as the reaction proceeds the 
second term in (1) becomes negligible. Therefore in the 
latter stages of the reaction
I!
ln(A^. - A^) = lnotg - k^t
Upon extrapolating the linear portion of this graph to 
zero time it is possible to also determine the rate constant 
for the initial fast reaction.
From (1) :-
i ti
-k t -k-jt
a,e = cx9e - (A - A )
JL Z t 00
M +-k *
A = a2e - (A^ - )
i
InA = lna^ - k^t
A plot of InA against time should be linear with a slope 
of k^ (Figure 5.1, Table 5.2).
The experimental data appears to fit the above treatment 
well, suggesting that the reaction takes place via two 
consecutive first order steps. The initial reaction was 
found to give good first order data and reproducible results 
however, the results for the slower reaction were not as 
consistent, variations of up to 50% being common for a 
set of runs under the same conditions. However as only 
small changes in absorbance with time were found, 0.095 
units in the first ninety minutes of reaction compared 
with 0.44 units in the first ten minutes for the fast
reaction, then it was quite conceivable that the poor 
reproducibility was due to instrument error and was 
not a real effect.
Good stable infinity readings were always obtained as long 
as the cells were stoppered to avoid any complications due 
to evaporation.
lo
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J
-QZ-. Figure 5.1. First Order Treatment of the Experimental Date obtained for the 
I Methyl Orange Reaction
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Calculation of the Observed Rate Constant for the Initial
Methyl Orange Reaction
- 1 -
- 3 -
100 200 3 0 0 4 0 0 6 0 0 t  ( s e c s )5 0 0
Table 5.1 Typical Experimental Data obtained for the
Methyl Orange Beaction
= 4.63 
= 40.0°C 
= 0.2
[PDSA] = 9.4x10 3M 
[MO] = 2.6x 10_5M 
Absorbance at time t = 00 = 0.097
t (mins) In (Absorbance at time t - Absorbance
at t = °°)
0.67 -0.536
1.33 -0.679
2.00 -0.810
2.83 -0.954
3.67 -1.091
5.33 -1.309
6.17 -1.402
7.83 -1.546
9.50 -1.650
11.17 -1.720
13.67 -1.796
16.17 -1.845
19.50 -1.890
22.83 -1.931
26.17 -1.959
30.37 -2.002
34.50 -2.033
38.67 -2.071
46.17 -2.154
54.50 -2.216
63.67 -2.303
69.50 -2.354
78.67 -2.430
87.83
. . .  _ .  ...
-2.501
............... . . .  .
Table 5.2 Calculation of the Observed Hate Constant,
t
kjY  for the Initial Methyl Orange Reaction 
using the Experimental Data given (Table 5.1, 
Figure 5.1)
t(secs)
it
lnotg-k^t
M
-k^t
a2e A . - At «> In A
40 -1.737 0.176 0.585 -0.896
80 -1.743 0.175 0.507 -1.103
120 -1.749 0.174 0.445 -1.306
170 -1.756 0.173 0.385 -1.550
220 -1.763 • 0.171 0.336 -1.805
320 -1.778 0.169 0.270 -2.292
370 -1.786 0.168 0.246 -2.547
470 -1.800 0.165 0.213 -3.041
570 -1.815 0.163 0.192 -3.534
5.A.2 The Rate Law for the Methyl Orange Reaction 
Investigations were carried out to discover the dependence 
of the rate constant of the MO reaction on the initial 
concentration of MO present. The study was concerned 
mainly with the effect on the initial, fast reaction.
However it was hoped that a guide to the effect on the 
slow reaction would also be obtained. Acetate buffers 
were used as a method of pH control (Chapter 2, Section 4, 
Procedure 2).
The first order rate constant for the initial MO reaction 
was found to be independent of the MO concentration (Table 
5.3). A slight decrease in the rate constant was actually 
found as the MO concentration increased, 8.3% when the 
concentration is increased by a factor of sixteen, however 
this effect was thought to be negligible.
The first order rate constant of the slow reaction was 
also found to be independent of the MO concentration, 
the results being well within the normal error limits 
for this stage (Table 5.4).
The dependence of the rate of the fast, and to a lesser 
extent the slow, reaction on the PDSA concentration was 
also investigated. It was discovered that the pH decrease 
over the concentration range of PDSA used was 0.05 of a 
pH unit when acetate buffers were used. As the measurements 
were close to the pH-independent region at this pH (4.63) 
this decrease should have no effect on the investigation.
The results show that the fast reaction rate has a first 
order dependence on the PDSA concentration (Figure 5.2, 
Table 5.5). The slow reaction was also found to be first 
order with respect to PDSA again within the greater 
tolerance limits of reproducibility allowed (Table 5.6). 
Therefore the initial reaction rate obeys a second order 
relationship overall, being first order with respect to 
each of the reactants
Bate = k'2 [PDSA] [mo]
I
where-kg = the second order rate constant for the initial 
reaction.
Similarly, for the second stage:
Rate = k" [PPSA][B] 
where B = the reaction product from the initial reaction
t ?
kg = the second order rate constant for the second 
reaction.
Table 5.3 The Dependence of the Rate Constant of the Initial Methyl
Orange Reaction on the Methyl Orange Concentration
pH = 4.63 [PDSA] = 9.4x 10-3M T = 40.0°C
I = 0 . 2
[m o ]/10 5
mol 1 ^
1 -3V 10
-1s
0.6 5.18
!. 3 5.06
COCQ 4.87
5.2 4.87
10.4 4.78
Table 5.4 The Dependence of the Rate Constant of. the Second Methvl 
Orange Reaction on the Methyl Orange Concentration 
pH = 4.63, [PDSA] = 9.4x 10-3M T = 40.0°C, I = 0 . 2
[MO]/10 5 
mol 1 ."*■
" -4V 10 4 
-1s
0.6 1.37
1.3 1.57
2.6 1.49
5.2 1.87
10.4 1.65
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Table 5.5 Experimental Data for Figure 5.2
pH = 4 . 6 4  - 4.59, 1 = 0 . 2 ,  T = 4 0 . 0
[MO] = 2.6x10-5M [PDSA] = 4.7xlO-3M - 3.6xlO_2M
logioki log10[PDSA]
-2.63 -2.33
-2.45 -2.17
-2.31 -2.03
-2.16 -1.91
-2.09 -1.83
-2.01 -1.73
-1.73 -1.44
Table 5.6 The Effect of Varying the Peroxodisulphuric 
Acid Concentration on the Rate of the Second 
Methyl Orange Reaction
Same conditions as in Table 5.5
[p d s a ] /10 3
mol 1 ^
" -4V 10 4 
-1s
" — 9
k2/io
n i-1 "I1 mol s
4.72 0.60 1.26
6.78 0.88 1.26
9.40 1.25 1.33
12.36 2.00 1.62
14.94 2.21 1.48
18.61 2.12 1.14
5.A.3 The Dependence of the Hate of the Methyl Orange
Reaction on pH
Acetate and phosphate buffer systems were used as a method
of pH control in the pH range 3 + 7. In this range reproducible
results were obtained at all p H ’s (Figure 5.3, Table 5.. 7).
It was hoped to be able to continue the work using buffer
systems at higher pH's. However when the reaction was
studied in buffer solutions above pH7 the observed rate
constant was much higher than expected (see later). The
reaction was successfully investigated above pH 7 by
using aqueous non-buffered solutions and the pH-stat system
(Chapter 2, Section 4, Procedure 5). The results show that
in unbuffered solutions the rate was independent of pH in
the pH region 6 + 9  (Table 5.7, Figure 5.3). Note that no
decrease in rate was found at pH 9, this was due to the
2-predominant PDSA species being the dianion, SgOg , over 
the whole pH range studied. The second pK of PDSA, unlike 
CA, is below zero.
Again the slow reaction was found to follow a similar trend 
to the fast reaction over the whole pH range studied (Table 
5.8).
The above results show that the rate of the initial MO reaction 
is dependent oh the concentrations of the dianion of PDSA 
and deprotonated azo dye:
Rate = k 2 ' [S202"] r 0 3SC6H4N2C6H4N(CH3 )2 ]
A similar rate dependence is also found for the second 
reaction:
Rate = kg [s20g ] [ b ] 
where B = the deprotonated product of the initial reaction.
It has been mentioned previously that the rate of reaction 
in borax buffer, and to a lesser extent phosphate buffer 
above pH 7, was higher than in unbuffered solution. In 
borax buffer, pH 8.94, the observed rate constant was 
found to be 20% higher than expected. In addition to this 
when studies in borax-sulphuric acid buffer, at pH 8 and 
8.5, were attempted the rate became very irreproducible and 
sometimes not first order. This was possibly due to the 
presence of sulphuric acid in these solutions. However 
this does not explain the results obtained in borax solutions 
containing no sulphuric acid. Investigations were carried 
out to discover whether the reason for this increase could 
be determined:-
1) The addition of hydrogen peroxide, in the concentration
-6 -5range 7.4x10 to 1.2x10 M, was found to have no
effect on the initial and slow reaction rate in borax
buffer
2) CA was also found to have no effect on the reaction rates
in borax buffer when present in the concentration
-6 -5range 9x10 M - 2.8x10 M. Similar results were also
found in acetate buffer (pH 5.6).
3) There was no specific metal ion catalysis observed
when Cu3+ (1.6x10 to 9.9x10 3M) and Cr3+ (10 to 
-510 M) were present at pH 8.96.
4) The addition of allyl acetate to the system (10 M to
-510 M) had no effect on the reaction rate in acetate 
or borax buffer.
5) When the reaction was studied under a nitrogen atmosphere 
(pH 8.96) a small but irreproducible decrease in rate 
was observed (between 1-10%).
6) In the presence of EDTA the initial rate became slightly
irreproducible and was lowered to the same extent as in
(5). However there was no apparent relationship between
-5 -4the concentration of EDTA present (10 M to 10 M) and 
the observed rate decrease.
The above results suggest that the increase in rate was not 
due to impurities present in the PDSA stock solution. The 
EDTA work suggests that there may have been a small contri­
bution to the rate by metal ion catalysis at pH 8.9. However 
as good first order kinetics were always obtained and a 
radical trap, allyl acetate, did not affect the reaction 
rate this seems unlikely. The increase in rate may in ,
fact be due to some other impurity present in the borax 
/
buffer. One possibility is that the increase was due to 
the presence of a peroxoborate, or peroxophosphate, species 
formed from the action of PDSA on the borax, or phosphate, 
buffer.
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Table 5.7 Experimental Data for Figure 5.3
T = 40.0 I = 0.2 [PDSA] = 9.3 *'8.
[mo] = 2.6x10_5M
pH V 10"1
-.-1 -1 1 mol s
3.38 4.40
3.67 4.76
3.83 4.72
4.03 5.40
4.32 5.65
4.36 5.52
4.64 5.93
5.16 6.17
5.57 6.10
6.58 6.14
7.06 5.79
8.05 5.97
9.05 6.08
* *
7.21 6.55
8.96 7.38
** Run in phosphate buffer 
* 2
Run in borax buffer
Table 5.8 The Dependence of the Kate of the Second Methyl
Orange Reaction on pH 
Same conditions as in Table 5.7.
pH
»» — O
k2/i°
, ,-i -i1 mol s
1Og10k2
3.38 0.63 -2.20
3.67 1.48 -1.83
3.83 1.05 -1.98
4.03. 1.55 -1.81
4.32 1.70 -1.77
4.36 1.62 -1.79
4.64 1.28 -1.89
5.16 2.04 -1.69
5.57 2.14 -1.67
6.58 1.95 -1.71
7.06 1.82 -1.74
8.05 1.78 -1.75
9.05 2.29 -1.64
* 1
7.21 2.34 -1.63
8.96 3.55 -1.45
* i
Run in phosphate buffer
*2
Run in borax buffer
5.A.4 The Dependence of the Rate of the Methyl Orange
Beaction on Temperature 
The investigation was carried out using an acetate buffer 
system as a method of pH control over a temperature range 
10° - 50°C. The results for the initial MO reaction were 
found to obey the Arrhenius equation over this range (Table 
5.9, Figure 5.4). As the second reaction rate was found to 
be quite reproducible (within 10%) during this work a similar 
treatment was carried out on these results. Again good 
agreement with the Arrhenius equation was found (Table 5.10, 
Figure 5.5). The calculated activation parameters for 
both reactions are summarized below.
INITIAL
REACTION
SLOW
REACTION
A
E^ (kJ mol"1 )
AS^ (298°K) J K " 1 mol"1 
AH^ (298°K) kJ mol"1
4.lxlO6
40.8
-125
38.3
l.lxlO5
39.8
-156
37.3
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Table 5.9 Experimental Data for Figure 5.4
pH = 5.50 I = 0.2 [MO] = 2.6x 10-5M
[PDSA] = S.6x 10_3M
T°K l/T/10 3 
. K"1
k ' / ic r1
1 -,-i -1 1 mol s
loSek2
284.8 3.511 1.37 -1.99
293.8 3.404 2.37 -1.44
303.7 3.292 3.98 -0.92
312.3 3.202 6.00 -0.51
320.9 3.116 9.80 -0.02
Table 5.10 Experimental Data for Figure 5.5 
Same conditions as for Table 5.9.
T°K l/T/10-3
K-1
n _ q
k2/10 d
n -.-1 -11 mol s
lo^ek2
284.8 3.511 5.92 -5.13
293.8 3.404 8.83
COI
303.7 3.292 13.17 -4.33
312.3 3.202 23.99 -3.73
320.9 3.116 39.16 -3.24
5.A.5 Repetitive UY Scans for the Methyl Orange Reaction
Studies into the identification of the reaction product 
were limited to a repetitive UV scan of the reaction.
With MO present in the deprotonated form (Figure 5.6) the 
decrease in absorbance at 462 nm was accompanied by an
increase in absorbance at 266 nm. Surprisingly no product
peak was formed between 310-320 nm, this region previously 
being associated with the formation of azoxy compounds 
(Chapter 3). As the reaction proceeded however there was 
an increase in absorbance in the 310-360 nm region which 
was accompanied by a shifting of the absorbance maxima at ■ 
462 nm to lower wavelengths. As simple first order kinetics 
were not observed at 462 nm the initial product must have 
an absorbance at this wavelength. After following the 
reaction for approximately twenty minutes the absorbance at 
266 nm was found to decrease and a new absorbance maxima 
occurred at 251 nm due to the formation of another product.
When the reaction was studied at pH 1 the spectrum changes
were found to be similar to those encountered in the MO 
reaction with CA. There was a decrease in absorbance at 
507 nm and 274 nm which was accompanied by an increase in 
absorbance at 315 nm. The spectrum also exhibited an 
isosbestic point at 365 nm (Figure 5.7). At this pH good 
first order kinetics were obtained when the reaction was 
monitored at 507 nm.
The implications of these results will be discussed later.
Fi
gu
re
 
5.
6.
 
Re
pe
ti
ti
ve
 
UV
 
Sc
an
s 
fo
r 
th
e 
Me
th
yl
 
Or
an
ge
 
Re
ac
ti
on
 
at
 
pH
5 
(T 
= 
4
0
°
C
)
ABSORBANCE
UJ
X
h-
o
LU
ID
o
LU
ui
<
LUa:
o
LU
□
CD
cc
LU
O
Z
<
CL
O
I-
LU
z
Ll
o
o
<u
<
LU
CL
LU
<D
LU
Ll  l -  
O  CD
Oex:
UJ
CD
CL
O
— i—  
LO
o
CO
o
25
0 
30
0 
35
0 
40
0 
45
0 
50
0
W
AV
EL
EN
GT
H 
(n
m
)
Fi
gu
re
 
5.
7.
 
Re
pe
ti
ti
ve
 
UV
 
Sc
an
s 
fo
r 
th
e 
Me
th
yl
 
Or
an
ge
 
Re
ac
ti
on
 
at
 
pH
l 
(T 
= 
40
 
C
)
ABSORBANCE
o
ID
ID
O
-O
ID
li.i
O
OUJ
UJ
o
-IDCO
lo
UJ UJ
o
UJ
□ o
UJ
o o-o
CO
UJ
Ll  (X
E
c
X
h-
o
X
UJ
_J
LU
>
<
5.B The Methyl Red Reaction
5.B.1 Experimental Conditions' and ’Initial Findings 
A similar technique to that used previously (Chapter 3) 
was employed in the preparation of the MR stock solution.
All other experimental conditions were similar, except where 
stated, to those used in the MO reaction.
It was discovered that the absorbance decrease followed a 
similar trend to that found for the MO reaction. However 
as the absorbance decrease was slower, and in fact became 
linear, the results were analysed by a slightly different 
method (Figure 5.8, Table 5.11).
1) Absorbance values (A^) were taken at times t^, ••••
2) The linear part of the slow reaction was then extrapolated 
to zero time
3) Absorbance values (Ag) for the slow reaction, at times 
t-p tg ...... > were then obtained from this extrapolation
4) First order data was then obtained for the initial reaction 
by plotting the natural logarithm of the absorbance 
difference (A^ - A a g a i n s t  time.
When the rate of the second reaction became very slow an 
infinity reading was obtained as follows, and the initial 
decrease treated as a single first order reaction. The 
infinity reading was taken as being the value of absorbance 
given by extrapolation of the absorbance change during the 
second reaction to 50% completion of the initial reaction 
(Figure 5.9).
Both methods gave reproducible first order results for the 
initial reaction. The rate of the second reaction was not 
measured.
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Figure 5.8. An Example of the Treatment of Experimental Data obtained for the
Methyl Red Reaction
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Table 5.11 Typical Experimental Data Obtained for the
Methyl Bed Be'action 
pH = 5.56 T = 40.0°C [PDSA] = 9.5xlO-3M
X = 0.2
t (secs) A1 A2 l°geA
30 1.770 0.848 -0.081
60 1.665 0.847 -0.201
90 1.568 0.846 -0.326
120 1.490 0.845 -0.439
150 1.413 0.844 -0.564
180 1.350 0.843 -0.679'
240 1.240 0.840 -0.916
300 1.155 0.838 -1.149
360 1.085 0.836 -1.390
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5.B.2. The Dependence of the Rate of the Methyl Red Reaction
on Concentration, pH and Temperature 
The dependence of the second order rate constant on the 
concentration of dye present was investigated at an ionic 
strength of 0.2 0 , using acetate buffers as a method of 
pH control. The concentration of MR was only varied by 
a factor of two, however this was thought to be sufficient 
to cover the concentration range of MR to be used in this 
study. The rate constant for the reaction was found to 
be independent of the MR concentration.
The dependence of the rate of reaction on the PDSA concen­
tration was investigated, again using acetate buffer (pH 
5.56) as a method of pH control. It was possible that at 
this pH the reaction rate would not be in the pH independent 
region. This however was thought to be unimportant as the 
pH change was negligible, 0.02 of a pH unit, over the range 
of PDSA concentration used. The results show (Figure 5.10, 
Table 5.12) that the reaction rate had a first order depen­
dence on the PDSA concentration.
Therefore the reaction rate obeys a second order relationship 
overall, being first order with respect to each of the 
reactants.
Rate = kg [PDSA] [MR] 
where kg = the second order rate constant.
To determine the dependence of the rate on pH the reaction 
was studied over the pH range 3.5 to 9 using acetate buffers
at low pH and the pH-stat at higher pH (Chapter 2, Section 4, 
Procedure 5). A small fluctuation (11%) in the rate was 
observed in the pH independent region. The presence of 
EDTA did not improve the reproducibility.
A similar rate dependence to that found for the MO reaction 
was discovered (Figure 5.11, Table 5.13). Therefore the 
rate of the MR reaction is dependent on the concentration 
of the dianion of PDSA and deprotonated MR present
Rate = k2 [ S ^ g ^ D f O ^ C g H ^ C g H ^ C C H g ) ^ .
where kg = the second order rate constant.
An investigation of the dependence of the reaction rate on 
temperature was carried out over the temperature range 10° 
to 50°C using aqueous non-buffered solutions (Chapter 2, 
Section 4, Procedure 3). The results were found to obey 
the Arrhenius equation (Figure 5.12, Table 5.14).
The activation parameters for the MR reaction and, for 
comparison, those for the initial MO reaction (Section 5.A.4) 
are summarized below:
MR
INITIAL
MO
A
(kJ mol”'*')
AS^ (29S°K) J K_1mol”  ^
AH^ (298°K) kJ mol"1
1.68xl06 
39.3 
-132 
36.8
4.lxlO6 
40.8 
-125 
38.3
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Table 5.12 Experimental Data for Figure 5.10
pH = 5.56 T = 40.0°C I = 0.2
[PDSA] = 3.8xl0-3M 1.9x10-2M
log10kobs ... . log10CPDSA]
-2.85 -2.42
-2.62 -2.19
-2.41 -2.02
-2.27 -1.86
-2.10 -1.72
Table 5.13 Experimental Data for Figure 5.11 
T = 40.0°C, X = 0 .2, [PDSA] = 9.1 - 9.
k2/X° 1 
1 1-1 “I '1 mol s
pH
0.94 3.52
1.17 3.83
1.99 4.48
2.43 4.63
3.83 5.55
4.38 6.75
4.28 7.45
4.45 8.10
4.74 8.73
4.75 9.03
Table 5.14 Experimental Data for Figure 5.12
pH = 'plateau1 pH, I = 0.2, [PDSA] = 9.5xlO-3M
T°K
l/T/10 3 
K"1
V 10"1
1 mol  ^s"1 l°gek2
284.5 3.514 1.00
oCOCM1
294.0 3.401 1.75 -1.74
302.8 3.303 2.79
00CMtH1
312.4 3.201 4.26 1 o 00 U1
321.5 3.110 6.99 -0.36
5.B.3 Repetitive UV.Scans for the Methyl Red Reaction 
The study was limited to a repetitive UV scan of the 
reaction in acetate buffer at pH 5.56 (Figure 5.13).
A decrease in the absorbance at 440 nm and a shift in the 
absorbance maximum to lower wavelengths was observed as 
the reaction proceeded. This was accompanied by an 
absorbance increase in the region 300 - 320 nm, note that 
this differs from the MO reaction in the same pH region. 
Again a shift in the absorbance maximum was observed this 
time to higher wavelengths, up to 312 nm.
After twenty minutes a decrease in the absorbance at 316 nm 
was observed due to the second reaction taking place. 
Unfortunately no information could be obtained from the 
UV spectrum below 280 nm.
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Discussion
A study of the. oxidation of MO by PDSA has shown that this 
process occurs via two consecutive first order reactions 
under the conditions used (Section 5.A.1). The MR oxid­
ation also involves two reactions of widely differing rates, 
the fast reaction again being first order (Section 5.B.1).
Both the initial MO and MR reactions were found to have a 
first order dependence on the concentration of azo dye and 
PDSA present giving a rate equation of the following form 
(Section 5.A.2 and 5.B.2)
Rate = [x][PDSA]
where X = MO or MR
The slow MO reaction obeys a similar rate equation:
Rate = k" [PDSA] [b ] 
where B = the reaction product from the initial reaction
The pH rate profiles for the initial MO and MR reactions 
(Section 5.A.3 and 5.B.2) showed that the rate of reaction 
was actually dependent on the concentration of deprotonated 
azo dye present. In terms of the PDSA concentration the
dianion is the predominant species of the acid over the
pH range studied, therefore the rate equation is more 
correctly expressed as
Rate = [s 2C)2-][y -]
where Y~ = deprotonated MO or MR
The slow MO reaction was found to have a similar pH 
dependence.
A small fluctuation (11%) in rate was found for the MR 
reaction in the pH independent region. This may have been 
due to a small contribution to the rate from a radical 
mechanism, however the addition of EDTA did not reduce the 
rate. It is also possible that this fluctuation may 
reflect a small error in the temperature correction 
factor applied to the results when using the pH-stat system 
at these temperatures.
In phosphate and borax buffer above pH 7 the rate of the 
initial MO reaction was higher than in unbuffered solutions 
(Section 5.A.3.). Investigations showed that this increase 
could not be attributed to any peroxo impurities that may 
have been present in the PDSA sample. The results also 
suggested that although there were some inconsistencies the 
increase in rate was not due to the reaction proceeding via 
a metal ion catalysed route. A possible explanation for 
this effect is that small quantities of a reactive peroxo 
species are formed during the reaction from the action of 
PDSA on the buffer.
Repetitive UV scans of the MO reaction in the pH independent 
region (Section 5.A.5.) suggests the primary reaction product 
is not the azoxy compound as found for the CA reaction with 
MO (Chapter 3). Under acidic conditions the product 
spectrum is similar to that for the corresponding CA reaction.
This may be due to one of the following reasons
1. The protonated product may have a similar UV absorbance 
to the azoxy compound at this pH.
2. The reaction between PDSA and MO may proceed by a 
different mechanistic route under acidic conditions, 
giving the azoxy product.
3. PDSA is known to hydrolyse under acidic conditions
(83 )to give CAV ' and it is possible that the reaction occuring 
at this pH is one involving CA and not PDSA.
Similar work on the MR reaction in the pH independent 
region (Section 5.B.3.) showed that the UV spectrum was 
similar, but not identical, to that of the azoxy product 
from the CA/MR reaction (Chapter 3). In particular there 
was an appreciable absorbance at 450 nm..
The similarity in the activation parameters for the initial 
MO and MR reactions (Sections 5.A.4. and 5.B.2.) suggest 
that the mechanisms of the reactions are similar. As in 
previous investigations (Chapters 3 and 4) a large negative 
entropy of activation is found suggesting a high degree of 
order in the activated complex.
The above results suggest that the reaction involves 
electrophilic attack by the PDSA dianion on the deprotonated 
azo dye, to give a product which is not an azoxy compound. 
The UV work suggests that the azo linkage is the primary 
site of attack. Further evidence for the initial site of
attack was provided from the observation that after the 
initial fast decrease in absorbance both dye solutions 
lose their strong indicator properties. A similar phenomenum 
was found after the initial reaction of CA with MO (Chapter 3, 
Discussion).
The most simple mechanism satisfying the observations is 
the following:
4=
R
N
N
✓
R
+ S2°8 — *
R
a
0
■5-
•O'
N= 0
\A A/
N
R’
0
0 0
0
R .0
/ •
N— 0— S = 0
N
R'
'O'
+ 5 0 2-4
•where --- = bonds forming
— = bonds breaking
Note the structure of PDSA rules out the mechanism proposed 
for the CA reactions. The large negative activation 
entropy obtained for the PDSA reaction may be ascribed to 
the critical orientation of the peroxoacid dianion.
The second reaction probably involves electrophilic attack 
by the PDSA dianion on the dimethylamino nitrogen to form
a second sulphate-nitrogen linkage. The sulphate group 
may then be ring substituted from this position^^0^. The 
activation energy for the second MO reaction is similar 
to that for the initial reaction in the pH independent 
region.
The rate of the initial MO and MR reaction with PDSA is 
slower than the corresponding reactions with CA showing 
that PDSA is a weaker electrophile:
k2 (40°C) = 12.2 1 mol-*s_* CA/MO
k„(40°C) = 16.4 1 mol 1s 1 CA/MR
k2(40°C) = 0.60 1 mol-1s 1 PDSA/MO
k2 (40°C) = 0.45 1 mol-1s 1 PDSA/MR
This can be attributed to the fact that the peroxo group 
in CA is in a terminal position whilst in PDSA it is a 
linking group. As a result of this the PDSA reaction 
proceeds via a different mechanism, which does not involve 
the participation of a water molecule and results in the 
formation of a different reaction product. For both 
reactions there is an increase in activation energy on 
going from CA to PDSA.
In this current section the reaction of PDSA with the azo 
dyes MO and MR has been studied and found to proceed via
an ionic rather than a free radical mechanism. The rate 
determining step for both initial reactions involves 
electrophilic attack on the azo linkage of the deprotonated 
dye molecule by the PDSA dianion, probably giving a 
product containing a sulphate group attached to the azo 
linkage. A simple mechanism has been proposed for this 
step.
The primary product undergoes further oxidation by PDSA, 
presumably via attack on the dimethylamino group. For MO 
the results suggest that this reaction proceeds via a 
similar mechanism to the initial oxidation.. For the MR 
reaction the rate was too slow for any conclusions to be 
drawn.
C 0 N C L U D I N G
R E M A R K S
The aim of this project was to extend the information 
available on the kinetics and mechanisms of the oxidation 
reactions of Caro's acid (CA) with organic substrates.
This work was carried out paying particular attention to 
the preferred mode of attack, i.e. via an ionic or a radical 
mechanism. From the few oxidations that have been studied 
previously the results suggest that the reactions proceed 
via an ionic mechanism.
In the reactions of methyl orange (MO) and methyl red (MR) 
with the acid the oxidation proceeds via an ionic mechanism 
involving electrophilic attack on the azo linkage. The 
reactions of the above substrates with peroxodisulphuric 
acid (PDSA), whose reactions generally proceed by a free- 
radical mechanism but can oxidise via an ionic route, were 
also found to proceed by an ionic mechanism. The above 
results suggest that azo compounds, such as MO and MR, 
themselves tend to favour an ionic rather than a free-radical 
oxidative mechanism.
The reactions of some olefinic acids, with.CA were studied 
because these compounds are known to undergo oxidation via 
either mechanism. Under normal conditions the reaction was 
found to proceed via a metal ion catalysed radical route. 
However in the presence of EDTA the mechanism changed to 
an ionic one, the rate determining step involving electro­
philic attack on the double bond exhibiting the greatest 
degree of nucleophilicity.
Therefore we conclude that CA oxidations may proceed via 
either r o u t e I t  would be useful to extend this study to 
try and determine more precisely the differences between 
the oxidative action of CA and PDSA. This could be achieved 
by studying compounds whose oxidation by PDSA is known to 
proceed via a free-radical mechanism, for example alcohols, 
aldehydes and ketones. Note that if the techniques 
described in this thesis were to be employed there would 
be several restrictions on the type of compound that could 
be used. Notably, the compound would have to be sufficiently 
soluble and stable in water, and have a high extinction 
coefficient, preferably.at A  > 2 5 0  n/n .
In the CA reactions we have studied that proceed via an 
ionic mechanism, we propose that a water molecule participates 
in the formation of the activated complex and acts as a 
charge transfer agent. This theory could be tested by 
studying these reactions in different solvent systems, 
expecially aprotic solvents, and examining the effect on 
the reaction rate.
Finally the stoicheiometry of the reaction between CA and 
EDTA is thought to be 2:1 however, accurate measurements 
have not been made. The stoicheiometry and pH dependence 
of this reaction could be investigated by examining the 
effect on the known rate of CA/MO reaction of the addition 
of various amounts of EDTA.
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